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Mineralization has the potential to capture CO2. In nature, mineralization is the 
chemical weathering of alkaline-earth minerals in which stable carbonate minerals are 
formed, which leads to the removal of CO2 from the atmosphere. The adsorptive carbonation 
reaction of olivine [(Mg,Fe)2SiO4)], consisting mainly of pure magnesium silicate (Mg2SiO4), 
a main constituent of the Earth’s crust, was carried out to estimate its potential application in 
the separation of CO2 with the presence of water vapor in combustion plumes. 
This thesis first presents a review of the literature pertaining to various CO2 capture 
technologies and the evaluation of their performance. The review mainly describes the 
application of CO2 adsorption on various solid sorbents that capture CO2, including mineral 
carbonation. In addition, it includes the selection of minerals and the mineralization 
processes. Following the review, this thesis presents an experimental set-up and analyses in 
this study. It also describes the experimental apparatus and procedures used to acquire 
information about CO2 capture capacities. 
Experiments were mainly performed on pure Mg2SiO4 carbonation to determine the 
reaction properties, temperature effects, and cyclic adsorption, and to evaluate a reaction 
kinetics model. Based on the changes in the CO2 concentration with sorption time, a kinetic 
model of the reaction between Mg2SiO4 and CO2 was developed. The reaction order with 
respect to CO2 was approximately 1. Based on the changes in the reaction rates with 
temperature in the range of 150ºC to 200ºC, the activation energy derived for the Arrhenius 
equation of Mg2SiO4-based carbonation process is 76.2 ± 4.8 kJ/mol. 
To evaluate the application of natural olivine for CO2 sequestration, experiments 
were conducted on natural olivine mineralization in the presence/absence of water vapor 
xiii 
 
under various conditions of temperature, concentration, and space time. Based on 
calculations, the olivine carbonation reaction is thermodynamically favorable. Water vapor 
was found to play an important role in accelerating the carbonation rate, and experimental 
results revealed that carbon dioxide can combine with olivine minerals to form highly stable 
surface carbonates. 
To investigate the molecular reaction mechanism and adsorption configuration of 
CO2 adsorption on the metal oxide surface, we performed a quantum chemistry calculation of 
multiple CO2 adsorption on a CaO (100) surface due to higher reactivity for CO2 adsorption 
than MgO. In the formation of a monolayer, CO2 molecules were chemi-sorbed due to the 
charge reorganization between the CaO surface and CO2 molecules. The adsorbed CO2 
molecules got together rather than distributing uniformly over the CaO surface. The second 
layer adsorption can take place at ambient condition and characterized as the physi-sorption. 
Consequently, this study helps lay the groundwork for the chemical mechanism of 
mineral carbonation of olivine with carbon dioxide in the presence of water vapor and 
provides the relevant information for the real application of the olivine based CO2 separation. 
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CHAPTER 1  
INTRODUCTION 
 
1.1 Statement of Problems 
In the coming decades, it is expected that the energy demand and consumption of 
energy increase. The growing demand is expected to lead to a need for an increased use of 
various fossil fuels by an average of 1.7% per year until 2030. Average annual growth in 
consumption is estimated to be 1.4% for coal, 1.6% for oil, and 2.4% for natural gas [1]. 
These anthropogenic activities are expected to raise greenhouse gas emissions more than 
70% between 2000 and 2030, amounting to 38 billion tons of energy-related carbon dioxide 
(CO2) emissions worldwide in 2030, resulting in global climate change [1]. About 40% of the 
total CO2 emissions are currently released due to the generation of electricity from sources 
employing fossil fuel energy, with an additional fraction coming from other industrial uses. 
Therefore, a reduction in CO2 emissions from the energy and/or process industry is a primary 
environmental goal. 
 CO2 is naturally released from the respiration of animals, plants, and microorganisms, 
and is released by volcanic eruptions and hot springs [2]. However, human activities, 
primarily the combustion of fossil fuels that account for more than 80% of worldwide energy 
consumption, contribute to the growth in global CO2 emissions. The generation of electricity 
is the largest source of total CO2 emissions, accounting for about 41% of the total (Figures 1 
and 2). The total annual amount of worldwide anthropogenic carbon emissions is 7.6 G tons, 
with 5.4 G tons of the total being released due to fuel combustion [2]. About 60% of the 
emitted carbon remains in the atmosphere while the remaining 40% ends up in oceans and 
forests, and on rocks [2]. CO2 emissions have been increasing at a rate of about 3.3% per year 
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since 2000 (in the 1990s, 1.3% per year) and is ascribed to human activities [3]. Since carbon 
dioxide is considered the most significant component of greenhouse gas emissions, the 
reduction of CO2 has been the focus of the efforts to mitigate climate change [4].  
 
 
Figure1. Anthropogenic emission sources of greenhouse gases worldwide in 2006 [5, 6]. 
 
For power plants, fossil fuels are still the major energy sources, and currently 
affordable and available amounts of fossil fuels are large enough to meet the world’s current 
demands. In a fossil-fuel-fired power plant, which is generally considered a point emission 
source, typical power plant flue gases contain 8-12% CO2, 8-10% water vapor, and smaller 
concentrations of other pollutant species such as SOx and NOx balanced with about 90% N2 
[7, 8]; thus, the separation of CO2 from the captured flue gas is essential to avoid having to 
deal with a large amount of N2 and to attain a high purity CO2 which could be used in other 
applications such as oil recovery. 
CO2 separation and sequestration from flue gases of power plants can play a very 
important role in reducing global CO2 emissions. To reduce CO2 emissions, three technical 
options are available as follows: (1) decreasing energy consumption and increasing the 
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efficiency of energy usage, (2) developing renewable energy sources and non-fossil fuels 
such as hydrogen, and (3) developing capture and sequestration technologies to separate and 
sequester CO2. Of the general options for power production, carbon capture and sequestration 
(CCS) has the potential to contribute to the reduction of global emissions sooner and faster 
than the development of renewable energy sources in order to prevent CO2 emission into the 
atmosphere [3]. CCS involves capturing and separating carbon dioxide in flue gases, 




Figure 2. Worldwide carbon dioxide emissions from fossil fuel combustion as a function of 







CCS has already been used by the oil and gas industry. For example, in the United 
States, the enhanced oil recovery industry captures about 8.5MtC [9]. However, the major 
concern with the use of separation methods for CCS at very large scales are the increased 
energy consumption and costs resulting from the separation process (e.g., absorption and 
adsorption) to initiate CO2 desorption. Furthermore, the low separation efficiency of current 
CCS methods necessitates alternative or improved CO2 separation methods that have lower 
energy demands, higher CO2 capture capacity, and higher regeneration capacity [9]. CO2 
capture capacity is defined as the amount of CO2 captured per unit mass of adsorbent used 
(e.g., g CO2/g sorbent) and regeneration capacity denotes how much capture capacity is 
recovered after multi-cycle sorption. 
Among the various separation processes, adsorption is a potential method of CO2 
separation due to its simple operation and low cost [3, 10-12]. For an adsorption processes to 
be effective, adsorbents should have the following characteristics: (1) high selectivity and 
adsorption capacity for CO2, (2) fast adsorption and desorption rates, (3) high stability to be 
cycled multiple times, (4) low attrition rate, (5) low energy requirements for the regeneration 
of CO2 after adsorption, and (6) scalability to megaton/year CO2 capture rates. In addition, 
for practical power plant applications, a rapid adsorption rate of CO2 is highly desirable 
along with high adsorption efficiencies during the multi-cycle adsorption/desorption process, 
leading to the use of less adsorbent material, and fewer required control devices. 
The adsorption capabilities of sorbents depend on various physical and chemical 
properties of the flue gas and sorbent, including the CO2 concentration, temperature, pressure, 
affinity of sorbent to CO2, surface area, pore size, and structure of sorbents. Because of this, 
the improvement of processes and adsorbents requires a process level understanding of 
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dependence on these variables [13-15]. In addition, many sorbents are not effective for 
capturing CO2 in the presence of water vapor, making them less attractive for use in such 
applications. Thus, there is also a need for materials with enhanced CO2 sorption capacities in 
the presence of gas streams containing water vapor, which would make them useful in real-
world applications such as in coal-fired power plants. 
Of the CO2 sorption methods, adsorption on minerals (mineralization) has become a 
promising technology for CO2 sequestration because minerals can react with CO2 and form 
stable carbonates, leading to permanent CO2 sequestration. This mineral carbonation is 
essentially the process of chemical weathering by alkaline earth minerals. In order to apply 
such mineral carbonation to CO2 capture, we identify potentially attractive reaction 
approaches and evaluate the associated reaction rates. 
In this study, we chose olivine ((Mg, Fe)2SiO4) for carbonation in the presence of 
water vapor because olivine is one of the most abundant natural minerals and water vapor 
contained in a flue gas mixture can accelerate the carbonation rate [16, 17]. In addition, it 
produces environmentally-friendly stable carbonates for mine reclamation or soil 
amendments [18]. The reaction of olivine with CO2 in the presence of water vapor is shown 




2 22 4 2 3 2( , ) ( ) ( , ) ( )
H O
Mg Fe SiO CO g Mg Fe CO SiO s    (1) 
In spite of its exothermic and thermodynamically favorable properties, mineralization 
is an inherently slow reaction in nature. Mineralization is not a feasible system without 
additional treatment [18-20]. Therefore, to accelerate the carbonation rate, many pretreatment 
processes such as magnetic separation, heat treatment, various acid treatments, and HCl 
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extraction have been developed. However, these methods are all energy intensive, resulting 
in an increased energy penalty of about 40% for the electricity output of a power plant [18, 
19, 21]. Thus, the development of an efficient process that would allow the commercial 
application of these sorbents requires a significant increase in the reaction rate of the natural 
mineral carbonation process. 
 
1.2 Structure and Scope of the Thesis 
The primary objective of this research is to provide relevant information useful to 
develop a technically feasible CO2 sequestration system using cost-effective solid adsorbents 
that are suitable for retrofit of current and inclusion in future fossil fuel power plants. To 
achieve this goal, this study focuses on (1) sequestering CO2 using mineral carbonation in the 
presence of water vapor, (2) evaluating the reaction kinetics and thermodynamics of olivine 
carbonation, and (3) identifying approaches to improvement of the carbonation reaction rate. 
This thesis first provides an overview of various CO2 capture technologies including 
those based on mineralization processes. As a part of the review, the general information of 
CO2 mineralization is discussed. Then the experimental results of olivine based CO2 
carbonation are discussed. To investigate the molecular reaction mechanism of CO2 
adsorption on the metal oxide surface, a quantum mechanical calculation of CO2 adsorption 
on the CaO (100) surface was carried out.  
The chapters of the thesis are organized as follows. Chapter 2 presents a literature 
review on carbon capture and storage focusing on CO2 adsorption using solid sorbents, and 
analyzes/examines the principle of mineral carbon dioxide sequestration. This chapter 
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includes the selection of minerals, the procedures of the separation system, and the 
economical and environmental aspects of the mineralization processes. Chapter 3 discusses 
the results of pure Mg2SiO4 carbonation in which the reaction characteristics, temperature 
effects, and cyclic adsorption are studied. In addition, a kinetic model of the reaction between 
pure Mg2SiO4 and CO2 was developed. Kinetic parameters such as the reaction order, and the 
apparent activation energy in the empirical Arrhenius form of the pure magnesium silicate 
reaction with CO2 were derived from the relationship between temperatures and the 
corresponding reaction rate coefficients. Chapter 4 describes natural olivine mineralization in 
the presence/absence of water vapor under different temperatures, concentrations, and 
residence times. The study evaluated thermodynamic parameters of olivine carbonation 
process and the role of water vapor. The limiting factors for CO2 adsorption on olivine were 
determined based on varying various parameters, including space time. Chapter 5 uses a 
quantum computation of CO2 adsorption on the CaO surface to evaluate the molecular 
carbonation mechanism and to determine CO2 molecular reactivity on the (100) CaO surface 
using first-principles methods. This study investigated the electronic and adsorption 
properties of the CO2-CaO system. Chapter 6 presents the conclusions of this study and 




CHAPTER 2  
CO2 ADSORPTION: A REVIEW 
 
2.1 Carbon Dioxide 
Carbon dioxide consists of two oxygen atoms covalently double bonded to a single 
carbon atom. CO2 has no electrical dipole, and is non-flammable. Carbon dioxide (CO2) is 
colorless and odorless at low concentrations (<400ppm). Concentrations above 5,000 ppm 
are unhealthy and those above about 50,000 ppm cause intoxication and asphyxiation of 
animals life [22]. 
Above 194.7K, carbon dioxide directly transforms from a solid phase to a gas phase 
through sublimation. Liquid carbon dioxide forms only at pressures above 5.16 bar; the 
critical point is 73.8 bar at 304.18K; the triple point of carbon dioxide is about 5.18 bar at 
216.55K [23]. 
In nature, plants, animals, fungi, and microorganisms produce carbon dioxide for 
respiration and plants consume CO2 to produce glucose for plant growth and development 
during photosynthesis. Moreover, carbon dioxide is emitted at low levels (1/150th of 
anthropogenic emissions) from volcanoes, hot springs, and geysers. These natural sources are 
mostly equilibrated by natural physical and biological sinks such as the dissolution of CO2 in 
sea water and photosynthesis. 
Anthropogenically generated CO2 is formed by the combustion of fossil fuels for 
heating, electrical power generation, and other chemical processes such as cement production. 
However, these anthropogenic CO2 emissions, which are estimated to be about 3% of annual 
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natural emissions, break the equilibrium of CO2 emissions and sinks, CO2 has been 
accumulating in the atmosphere, leading to the current CO2 concentration that is 30% higher 
than existed prior to non-industrial periods [24].  
 
2.2 An overview of CO2 Capture and Storage (CCS) 








The purpose of carbon capture and sequestration (CCS) is the reduction of carbon 
dioxide emissions to the atmosphere. Due to limited underground storage capacity, the CO2 
should be separated from a flue gas mixture because most of the flue gas is N2 and mixture 
gas sequestration causes higher storage cost. As shown in Figure 3, carbon capture and 
storage works, essentially, by capturing carbon dioxide emissions as they are produced by 
large point sources such as large fossil fuel, biomass energy, and industrial facilities, 
transporting separated CO2 using an intermediate mode to a storage site, and then storing it 
underground via various transportation systems so that CO2 cannot interact with the 
atmosphere or exacerbate the greenhouse effects. The first step in direct sequestration is to 
accumulate concentrated CO2 gas for transport and storage. Typically, CO2 from large-scale 
industrial facilities or power plants is conventionally captured in three different processes: (1) 
pre-combustion, which is designed to remove CO2 from gas mixture produced typically by 
gasification prior to its combustion; (2) post-combustion, which separates the diluted CO2 
emitted due to the combustion of fossil fuels or biomass; and (3) oxy-fuel combustion, which 
uses pure oxygen instead of air for combustion, producing flue gases that consist mostly of 
CO2 and water from which the CO2 is more readily separated. A new approach, chemical 
looping combustion, is under development. Each of these options is discussed below. 
1) Pre-combustion  
  Gasification of the fossil fuel with oxygen and the subsequent treatment of the gas 
produced generate a synthesis gas (syngas: a gas mixture of H2 and CO2) through the water-
gas shift process. After coal gasification and before combustion takes place, CO2 is removed 
from the released gas mixture after water-shift reaction (Figure 4). The CO2 is separated from 
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the gas stream and the hydrogen is used for combined-cycle power generation. Since syngas 
is used as a fuel in a gas turbine which produces electricity similar to a conventional 
combined-cycle plant, this process is called as integrated gasification combined-cycle 
(IGCC). Heat is recovered from both the gasification process and the exhaust steam in a gas 
turbine. And then the steam is employed to create additional electrical power in steam 
turbines [26]. The energy cost of IGCC without CCS is $56/MW-hr while that with CCS is 
$79/MW-hr[27]. 
 
Figure 4. Schematic diagram of a pre-combustion plant (IGCC power plant). IGCC and 
GTCC denotes Integrated Gasification Combined Cycle and Gas-fired Turbine Combined-




 Post-combustion is a power plant that uses fossil fuels such as coal, natural gas, or 
petroleum to generate electrical power and releases flue gas mixture to atmosphere, mainly 
consisting of nitrogen, carbon dioxide, water vapor, and oxygen. In post-combustion, CO2 
separation is to extract CO2 from the flue gas mixture, which typically follows a pre-
treatment process designed to remove other pollutants such as SO2 and NOx as shown in 
Figure 5. The energy cost of post-combustion system without CCS is $52/MW-hr while that 
with CCS is $92/MW-hr [27]. 
 




3)  Oxy-combustion 
Oxy-fuel combustion is one of options to reduce CO2 from the flue gas mixture. In 
the oxy-combustion process, instead of being combusted in air, the fossil fuel is combusted in 
pure oxygen, releasing flue gases that consist mostly of CO2 and water, part of which is then 
re-circulated. After water vapor is removed through a condensation process, the concentrated 
CO2 stream can be compressed and stored (Figure 6). In oxy-fuel system, fuel consumption 
can decrease, and higher flame temperatures are possible since N2 of air is not included in the 
feed gas stream.  
 
Figure 6. Schematic diagram of an oxy-fuel power plant [28]. 
 
As an alternate method, chemical looping combustion (CLC) is still being developed. 
Chemical looping employs a metal oxide as a solid oxygen carrier. Metal oxide particles 
react with a solid, a liquid, or a gas fuel in a fluidized bed reactor, releasing solid metal 
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particles, and a gas stream mixture of CO2 and water vapor. The water vapor is removed 
through condensation, leaving relatively pure CO2, which can then be sequestered. 
 
2.2.2 CO2 capture technologies 
 The major technologies used for capturing CO2 from a flue gas mixture are (1) 
absorption, (2) adsorption, (3) membrane system, and (4) cryogenic processing [26, 29]. 
1) Absorption  
  Separation takes place with a solvent that absorbs the CO2 from the gas and 
afterwards discharges it, liberating a nearly pure CO2 stream. Absorption depends on a 
solvent’s chemical property which highly tends to dissolve solutes over solvents. For 
scrubbing CO2 from the flue gas of power plant, CO2 absorption is preceded by the 
dissolution of CO2 in a liquid solvent. Chemical absorption is the most conventional method 
for the separation of CO2 from exhaust gases when carbon dioxide levels are at a low 
concentration (5-15% vol) in a gaseous stream at atmospheric pressure.  
The CO2 capture process using chemical absorption includes two steps [29]: 
 The absorption of CO2 by chemical solvents at a low temperature (40°C to 65°C). 
 The recovery of CO2 from chemical solvents by using low-grade heat (a temperature 





  For absorption (a homogeneous process), CO2 is dissolved into the solvent, but for 
adsorption (a heterogeneous process), the CO2 molecules are bound/trapped or physi-sorbed 
on the surface of the adsorbent due to the interaction between the sorbent and the adsorbate 
molecules. Different adsorption methods are described as follows [29]: 
 In pressure swing adsorption (PSA) process, the gas mixture passes through a packed 
bed of adsorbents at an elevated pressure as the adsorption of the CO2 gas approaches 
equilibrium conditions at the bed exit. Then, the bed is regenerated by stopping the 
inlet gas mixture and reducing the pressure, and CO2 is released to move towards the 
new equilibrium conditions.  
 In temperature swing adsorption (TSA), adsorption takes place at the appropriate 
temperature for the chemical sorbent to react with CO2, and the adsorbent is 
regenerated by raising its temperature.  
 Electric swing adsorption (ESA) includes a TSA cycle with an electrothermal 
desorption step. The adsorbent particles are heated directly through an electric current 
passing through them.  
3) Membrane system 
  Membranes are conventionally used to separate one gas from mixed gases. In this 
case, separation results from the target gas molecules permeating a porous or semi-porous 
structure more easily than other gases. This process is based on the selectivity of polymeric 
membranes to interact with the particular molecules. Either solution-diffusion or absorption-
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diffusion mechanisms lead to the diffusion of CO2 across the membrane [26]. Porous ceramic 
and metallic membranes are selective to allow CO2 molecules to pass through the pores of 
the membrane, which functions as a molecular sieve. This process works by the differences 
in physical or chemical interactions between the gases and the membrane materials cause one 
component to pass through the membrane faster than others. 
4) Cryogenic fractionation  
  Cryogenic separation involves compressing the gas stream, after which the 
compressed gas is cooled to a temperature low enough to allow the formation  of a liquid 
mixture which can be separated by distillation [29]. This process requires the removal of 
other components from the flue gas stream except N2 and CO2 before cooling. After 
compression and cooling, the remaining gas is introduced to a cryogenic chamber, which 
allows the CO2 to liquefy. When the temperature is below 194.64K and the pressure is above 
7.4 atm, CO2 condenses, but N2 remains in the gas phase [30]. The N2 gas leaves through an 
outlet at the top of the chamber, but the highly concentrated liquid CO2 can be separated at 
the bottom of the chamber. The resulting liquid CO2 may then be removed for disposal. This 
process has the following characteristics [29]:  
 It is suitable to high CO2-concentration (typically >90%) gases. 
 It requires compression and refrigeration, and therefore has a high energy demand. 
 To avoid blockages, some gas species such as H2O (g) and NOx have to be removed 
before the gas stream is cooled down. 
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 It is most applicable to high-pressure gases in pre-combustion capture processes or 
oxygen-fired combustion. 
 
2.2.3 CO2 transportation 
Following separation, CO2 is compressed to increase its density and make it easier 
and cheaper to transport. In the end, CO2 has to be transported to suitable storage sites 
through various options of overland transport. Feasible methods include truck, train, ship, 
and pipeline [31]. The cost-effective mode of transport can depend on the locations of 
capture and storage, distance from source to storage, and the quantities of CO2 which should 
be transported, but the quantity to be transported is the most important factor [32].  
Transports by truck, train, and ship, similar to the transportation modes for liquefied 
petroleum gas (LPG), are applicable options for small to medium volumes of CO2 over very 
long distances. The CO2 is remained in liquid phase on the saturation line by a pressure 
higher than atmospheric pressure and a temperature lower than the ambient temperature in 
semi-pressurized modes, which are designed for a working pressure of 5 bar to 7 bar at -52°C 
[32]. 
For large volumes of CO2, pipeline is the most practical option for overland transport 
because on the order of 2 million to 3 million metric tons (Mt) per year of CO2 are required 
to be transported from a single fossil fuel power plant [32]. Pipelines are currently the most 
common approach to transporting large amounts of compressed CO2 over long distances 
because they are the cheapest type of transport. CO2 pipelines operate at ambient temperature 
and at a pressure of more than 74 bar (the supercritical phase of CO2), with primary 
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compressor units placed where CO2 is injected, and booster compressors located as needed 
further along the pipeline [31]. For example, approximately 5,800 km of CO2 pipelines in the 
United States transported CO2 to oil production fields, where the CO2 was injected in older 
fields to extract extra oil in 2008 [32]. 
 
2.2.4 CO2 sequestration (storage) 
Various sequestration methods have been considered for CO2 storage. Carbon dioxide 
sequestration involves the injection of CO2 into various formations: (1) geological storage, 
providing that the CO2 is injected deep underground where it is hydrodynamically isolated; 
(2) ocean storage, where the CO2 is injected deep into the ocean below approximately 3,000 
meter depths; and (3) mineral carbonation through which CO2 is reacted with minerals to 
form stable carbonates [32-34]. The last option is a near permanent storage method because 
carbonates are stable over millions of years compared to the hundreds to thousands of years 
of stability anticipated for other sequestration methods [34]. Each of the options is discussed 
below. However, the main drawback of these storage methods, besides their limited 
applicability, is the temporary nature of the storage.  
 
1) Geological storage (geo-sequestration) 
In this option, supercritical CO2 is directly injected underground into the geological 
formations in oil/natural gas fields and in saline formations. The most practical isolation 
methods have been discussed as storage regions [32]. 
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 Use for oil recovery. CO2 is frequently injected into declining oil fields to increase oil 
recovery. This option is attractive because the geology of hydrocarbon reservoirs is 
generally well understood and because storage costs may be partly or totally 
compensated by the sale of the additional oil recovered. However, geographic 
distribution and capacity is limited. 
 Saline formations step. A saline formation is a deep underground rock formation 
composed of stable materials which contain highly saline fluids. This kind of 
formation has highly mineralized brines which have a relatively high affinity for CO2. 
Saline aquifers may store chemical waste. The main advantage of saline storage sites 
is the amount of available storage regions and the low cost of the storage, but these 
sites are still relatively poorly understood regarding their properties and 
characteristics compared to oil fields; thus, additional research is required.  
The IPCC report states that CO2 could be isolated for millions of years in optimized 
managed geological storage sites, and the sites are likely to retain over 99% of the injected 
CO2 over 1,000 years [32]. Furthermore, about 6,000 square miles of suitable rock 
formations in the U.S. have been mapped and they could be used to store 500 years worth of 
U.S. CO2 emissions. 
2) Ocean storage 
Another possible option of the disposal of CO2 is storing it in the deep oceans. The 
ocean is the largest reservoir for carbon and the largest part being in the form of deep 
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carbonate sediments. The captured CO2 would be injected into the deep ocean through 
pipeline. Various methods have been proposed including [32, 33]: 
 CO2 can be directly deposited onto the sea floor at depths greater than 3,000 m to 
form a lake of liquid CO2 on the seabed. 
 CO2 can be converted to bicarbonates with the use of limestone. 
 CO2 can be stored in solid clathrate hydrates structures, which already exist on the 
ocean floor, implying permanent CO2 storage. 
The likely environmental impact of oceanic storage is not well understood, but it is 
generally considered to have negative effects because large concentrations of CO2 could kill 
ocean organisms and because dissolved CO2 would eventually interact with the atmosphere 
due to a leakage issue. Moreover, carbonates of CO2 as H2CO3 also cause an increase in the 
acidity of ocean water. Ocean sequestration of bicarbonate would reduce the pH effects and 
enhance the retention of CO2 in the ocean, but this would likely increase overall cost while 
leading to other environmental issues (e.g., from mining limestone). 
3) Mineral storage (mineralization)  
  Mineralization is the process of the formation of stable carbonates by reaction of CO2 
with alkaline metal oxides (typically Mg and Ca-based minerals). The process of 
mineralization is stable over geological time scales, and it results in near permanent CO2 
fixation.  
Minerals exist abundantly enough to be used to capture the large quantities carbon 
dioxide emitted from fossil fuel combustion systems [26, 34, 35]. In particular, magnesium-
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based silicate minerals are very attractive because they occur in large deposits, and Mg-rich 
mixture minerals have a large MgO content, between 35% and 45% by weight, implying that 
more CO2 can react with MgO to form carbonates. By contrast, calcium silicates rarely have 
more than 12% to 15% of CaO by weight. Thus, magnesium silicates appear more attractive 
for CO2 capture [35, 36]. 
The reaction between CO2 and metal oxides forms magnesium carbonate (MgCO3) and 
calcium carbonate (CaCO3) because the reaction is exothermic, providing a 
thermodynamically favorable reaction. This reaction occurs naturally (e.g., the weathering of 
rock) [35, 36]. Thus, this carbonation reaction does not require additional energy input, and 
can actually produce some heat. However, the carbonation process occurs extremely slowly 
under ambient temperatures and pressures, and its reaction must be significantly accelerated 
for the feasible capture and storage of CO2 from anthropogenic sources. The reaction rate of 
carbonation can be improved through a pre-treatment. The details of mineral carbonation will 
be discussed later. 
 
2.3 CO2 Adsorption 
A common drawback of methods for CO2 capture and sequestration is their high 
energy consumption. This necessitates alternative CO2 separation methods with higher CO2 
adsorption capacity, higher regeneration capacity, and lower energy demand [37, 38]. Among 
the various processes, adsorption has attracted attention because of its simple operation, low 
corrosiveness, and overall low cost [3, 10-12]. In addition, molecular sieves and molecular 
baskets of solid adsorbents are environmentally friendly. Figure 7 shows the schematic 
diagram of a post-combustion CO2 capture pilot plant and the actual appearance of the pilot 
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plant in Japan. 
 
Figure7. Schematic diagram of the CO2 capture plant (adsorption process) for post 
combustion and the actual picture of the pilot plant in Japan [39]. 
 
For feasible application, CO2 adsorption from the flue gas mixture of power plants 
requires rapid adsorption rate, which reduces adsorption/desorption multi-cycle times and the 
required quantity of adsorbent. This section provides an overview of the currently studied 
CO2 adsorption technologies with various solid adsorbents and an evaluation of their 
performances in the literature. Potential future trends and strategies for CO2 separation are 
also described.  
2.3.1 Sorption based CO2 separation processes 
High-potential adsorbents usually have high sorption capacity, fast adsorption and 
desorption rates, high cyclic stability, and a low attrition rate. The adsorption capabilities of 
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sorbents depend on many factors such as the exposed CO2 concentration, temperature, 
affinity of the sorbent to CO2, sorption site density, and surface area, pore size and the 
structure of sorbents [13-15]. Two types of sorption processes are typically employed for 
CO2 capture, aqueous (absorption) and dry (adsorption), which have different CO2 sorption 
characteristics. Absorption is sorption from one substance into another substance of a 
different state (i.e., bulk reaction) whereas adsorption means sorption to a surface of another 
phase (i.e., surface reaction). In aqueous absorption process, CO2 is dissolved into the solvent. 
In the dry adsorption process CO2 is either chemisorbed to the sorbent by strong chemical 
bonds or physisorbed to the sorbent by weaker intermolecular bonds. These sorption 
processes result from the interaction between sorbents and CO2 molecules [40]. While this 
chapter focuses on sorption using a solid adsorbent, aqueous processes are briefly discussed 
first. 
In aqueous processes, the concentrated CO2 solution is transported to a regeneration 
column where the CO2 is separated from the solution by precipitation or degasification. The 
solvent is then regenerated and recycled to another inlet of flue gas. This approach can lead 
to high capital and operating costs because of (1) a high energy consumption for the solvent 
regeneration, (2) a high rate of corrosion of the process equipment, (3) a fast rate of 
evaporation causing solvent losses, and (4) a high rate of degradation in the presence of 
oxygen [37, 38, 41]. In addition, aqueous sorption processes require additional pretreatments 
such as electrostatic precipitation to remove particulates and flue gas desulfurization to 
remove the acidic species, since many solvents are degraded by reactive compounds such as 
fly ash, SOx, and NOx [42]. The aqueous system will require high pressures due to the 
temperature limitations and low CO2 solubility in water. Additional chemicals such as 
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hydrochloric acid and acetic acid are needed in the dewatering stage to improve the aqueous 
processes, adding to the process costs and may result in corrosion [42]. 
Dry sorption processes without using a solvent shows a simple design and operation 
due to (1) the simple processes and (2) small pressure changes for physical adsorption [3, 10, 
37, 38]. Two principal modes of adsorption, physical and chemical, are discussed below for 
the evaluation of the CO2 sorption activity with respect to the separation type [9, 10].  
The physical adsorption (physisorption) of molecules involves relatively weak 
intermolecular forces such as dispersion, dipolar, or Van der Waal interactions between the 
adsorbent surface and the adsorbate. These intermolecular interactions are weak due to the 
relatively small energy required; being on the order of magnitude of the enthalpy of 
condensation. Physisorption does not provide a large redistribution of electron densities at 
either the adsorbent surface or the adsorbate. Sorption energy can be absorbed as lattice 
vibrations and dissipated as thermal motion. The physisorption enthalpy of adsorption is 
typically on the order of 20 kJ/mol [43]. In terms of kinetics, physisorption rates are 
relatively fast because this is not associated with the barriers of activation energy. The 
required energy of regeneration of CO2 from the physisorbed state is typically low, which 
makes it attractive. However in some cases, mass-transfer controlled processes could inhibit 
Van der Waal interactions. The two applicable options of physisorption, pressure and 




1) Physical adsorption 
 
Figure 8.Schematic diagram of Pressure Swing Adsorption system [44, 45]. 
 
Pressure Swing Adsorption. Pressure swing adsorption (PSA) has been applied for the 
separation of contaminants from gas mixtures such as carbon dioxide capture in ammonia 
production and hydrogen purification [8, 15, 45-59]. Figure 8 is a conceptual diagram of a 
PSA system. In the PSA process, gas species can be separated from a gas mixture at high 
pressure and low temperature by passing the flow through a reactor containing the sorbent. 
The pressure is then reduced, resulting in the relatively easy release of CO2 from the 









(b) Vacuum Swing Adsorption system 




Figure 9a provides a conceptual illustration of the PSA operation procedure. First, 
flue gas is introduced into the first column with a sorbent and is pressurized, resulting in CO2 
adsorption to the sorbent. The applied pressure is transferred to column 2. After column 2 is 
pressurized, column 1 is depressurized to 1atm and CO2 is separated from the gas mixture. 
The inlet CO2 gas stream is stopped and N2 is only introduced to desorb CO2 from the 
sorbent after depressurization. Finally, the cycle continues switching modes from the 
adsorption column to the desorption column. 
System factors and operating conditions are determined to optimize the PSA process. 
The rate-limiting mechanism of the PSA system is either the selectivity of equilibrium 
thermodynamics or reaction kinetics. Thermodynamic equilibrium selectivity depends on the 
different gas concentrations at the equilibrium state of the gas mixture for separation 
processes. For PSA using equilibrium selectivity, strongly adsorptive gas components remain 
in the adsorbent column whereas weakly adsorbed species are discharged in high pressure 
gas streams. Kinetic selectivity is based on having different diffusion rates of gas molecules 
in the non-equilibrium system. Faster diffusing gas species go to the sorbent column, while 
slower diffusing gases flow out. Thus, the gas specific diffusion rate determines the 
selectivity.  
Operating processes have evolved to improve the efficiency of PSA separations. One 
example is to optimize the bed size and sorbent usage by using different sorbents such as 
activated carbon and zeolite, which have strong CO2 affinity, within the layered sorbent bed. 
The activated carbon sorbents are placed ahead of zeolite sorbents [48]. In first layered 
column, activated carbon mainly adsorbs CO2 species while the zeolites in the second layered 
column capture the residual CO2 components. This approach was introduced in the 1970’s, 
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but it was not well suited for industrial facilities due to low sorption capacity of adsorbents 
and unstable operating controls [14].  
Pressure swing adsorption has three major drawbacks. Firstly, the short cycle-times 
lead to high losses of feed gas in the bed after venting out in the depressurization step [60]. In 
addition, the short cycle-times can cause a rate change in the inlet flow leading to an unstable 
pressure in the column during the operation. Secondly, PSA processes typically add 
impurities to the other gas species at low pressures and these species will be adsorbed on the 
surface more strongly than carbon dioxide. Thirdly, PSA processes may not be cost-effective 
for CO2 recovery from flue gas steams. The cost of CO2 recovery is lowered as the CO2 
concentration in the flue gas is increased. Separation chambers operate at high pressure 
(thousands of kPa) and PSA process cannot directly separate CO2 at low pressure (<~10kPa) 
due to the low CO2 partial pressure. A compression process is required to produce high 
pressures in this system, but this requires significant energy. In spite of these drawbacks, 
PSA still plays a significant role in the separation system due to its low cost and simple 
operation [8, 57].  
 
Vacuum Swing Adsorption. Vacuum swing adsorption (VSA), a modification of the PSA 
process, has been developed to improve the regeneration efficiency with lower power 
consumption and an easier operation procedure than those of the PSA processes [3, 7, 61-64]. 
The VSA system operates at low absolute pressures (<150 kPa), depending on the nature of 





Figure 10.Vacuum Swing Adsorption (VSA) system [7]. 
 
Figure 10 shows a typical apparatus for a vacuum swing adsorption system in which 
the inlet is slightly compressed (<150 kPa). VSA is comprised of double adsorbent-packed 
reactors for adsorption and desorption and a vacuum pump for recovering CO2. Figure 9b 
shows a three-step vacuum swing adsorption cycle as follows: (1) adsorption of the inlet gas 
as it flows from bottom to top of a column at a fixed rate, (2) evacuation and removing 
adsorbed components, and (3) re-pressurization to atmospheric pressure with waste gas [7].  
The VSA cycle is similar to the PSA cycle except for the absence of the high pressurization 
step that makes it both simpler and more cost-effective.  
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2) Chemical adsorption 
 
 
Figure 11. Temperature Swing Adsorption (TSA) System [65]. 
 
Chemical adsorption (or chemisorption) on solid materials is achieved by substantial 
sharing of electrons between the surface of the adsorbent and adsorbate to create a strong 
bond such as a covalent or ionic bond [66]. As carbon dioxide molecules are adsorbed onto 
the surface of the adsorbent through valence bonds, a monolayer of carbon dioxide is formed. 
Chemical adsorption may not be fully reversible and can require a high energy input to break 
the surface bonds for regeneration. The chemisorption energy between the gas molecules and 
adsorbents is equivalent to the energy change in the chemical reaction between an adsorbent 
and an adsorbate. Energy changes can vary significantly depending on the bond strength. 
Adsorption rates involve overcoming activation energy barriers. If the activation energy is 
sufficiently high, near equilibrium conditions may be obtained slowly [66]. 
TSA is an isobaric process in which the adsorption process takes place at low 
temperatures and desorption of the adsorbed gas components occurs at temperatures higher 
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than those temperatures where adsorption occurs. The solid sorbents for adsorption in TSA 
processes are usually composed of alkali and/or alkaline-earth metals. Desorption of 
adsorbed CO2 can be accomplished by calcination [14, 16, 19, 37, 38, 51, 59, 65, 67-107], 
and  has the advantage of being environmentally friendly [4]. A schematic diagram of a 
typical temperature swing adsorption system is illustrated in Figure 11. Following the 
cooling of the gas mixture, mixture containing CO2 enters the reactor, and the CO2 is 
adsorbed. When the adsorbent is heated, the adsorbed CO2 is desorbed. During the desorption 
step, the sorbent is regenerated to be used again. However, during cyclic usage of the same 
sorbents, the chemical natures of the sorbents can be modified by reaction or surface 
dissociation so the original sorbents cannot be fully regenerated after desorption [66]. For the 
optimum condition (i.e., cost-effective maintenance and operation) of the system, TSA 
system should have a high sorption affinity, a strong sorbent structure, and improvement of 
processes is required for cost-effective maintenance and operation. 
 
2.3.2 Adsorption for CO2 capture 
Several different kinds of sorbents have been used for physical and chemical 
adsorption of CO2, e.g., amines, zeolites, potassium carbonate, lithium zirconate, sodium 
carbonate, and alkali-earth minerals. The potential adsorbents must have: (1) high selectivity 
and high adsorption capacity, (2) adequate adsorption/desorption kinetics, (3) stable cyclic 
adsorption capacity, (4) mechanical durability to maintain reasonable performance after 
extended cyclic exposure to high-pressures or high temperatures, and (5) low energy demand 





















Tertiary Amine (DBU) - 369 1.1 [77] 
Aminated SBA-15 - 200~230 0.72 [83] 
Zeolite 13X 689 726 0.25 [57] 
Zeolite /Activated carbon 500 620 0.19 [57] 
Li2ZrO3 - 5 
0.02 [51] 
Activated Carbon 860 1300 0.6-0.8 [8], [108] 
Hydrotalcites (HTlc) 440 271 0.55 [71] 
Mg-Al-CO3HTlc - 184 
0.31 [98] 
Serpentine 2500 330 0.23 [18] 
Metal−Organic 
Frameworks (MOFs) 
- 345~2833 - [109] 
 
For carbon capture by adsorption, two of the most important physical properties of 
solid sorbents is BET (Brunauer, Emmett, and Teller) surface area and pore volume. BET 





/g, and from 0.02 mL/g to 1.1 mL/g, respectively (Table 1). However, chemical 
properties are also relevant. Lithium zirconate, for instance, has relatively low BET surface 
area (5 m
2
/g) and pore volume (0.02 mL/g), but its capture capacity is among the highest 
(0.29 g CO2/g sorbent) (Table 2). Typically, CO2 sorption capacities of conventional solid 
sorbents are on the order of ~0.1 g CO2/g sorbent. In order to reach the high capture capacity 
of ~0.15 g CO2/g sorbent, several studies have modified well-known sorbents to improve 
their capture capacities, Improvement typically results from increasing surface areas and CO2 





TABLE 2. CO2 capture capacities of different solid sorbents 
Solid Sorbent Capacity 
(g CO2/g sorbent) 




15% CO2, 85% N2 











10% CO2, 88% He with ~2% 
H2O 
[14] 
K-Li2ZrO3/ Li2ZrO3 0.22~0.29 10% CO2, 90% N2 [51] 
MCM-41
3









0.04 11% CO2, 89% N2 [71] 
Mg-Al-CO3HTlc 0.02 20% CO2, 80% N2 [98] 
Zeolite 13X 0.22 15% CO2, 85% N2 [57] 
 Zeolite/Activated carbon 0.22 15% CO2, 85% N2 [57] 
Activated Carbon 0.18 17% CO2, 79% N2, 4% O2 [8] 




1.47~1.5 - [109, 110] 
 
1
SBA-HA denotes Santa Barbara Amorphous type of Hyperbranched mesoporous 
Aminosilica; 
2
SBA-15 a type of mesoporous silica (Santa Barbara Amorphous type 
material);
3
MCM-41 a type of mesoporous silica (Mobil Crystalline of Materials, or MCM-
41); 
4
K-HTlc potassium modified HTlc.  
 
1) Zeolites 
In nature, the reaction of volcanic rocks, ash, and water forms zeolites, a class of 
regularly arrayed porous crystalline aluminosilicates of TO4 tetrahedra (where T = Si or Al). 
Aluminum or silicon atoms in the supported silicate cause negative framework charges, 
leading to exchangeable cations such as alkali cations in the pore space [57]. Zeolites have 
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high selectivity and capacity for CO2 adsorption due to their unique porous characteristics of 
molecular-sized holes and pores of their framework which functions as molecular sieves. 
Zeolites not only can be artificially synthesized, but are also inexpensive and 
environmentally friendly because of their natural existence. They are also attractive in 
physical sorption, because they maintain a stable structure even after sorption [7, 15, 48, 50, 
57, 62, 65, 67, 73, 82, 87, 90]. These characteristics place zeolites among the top of the sieve 
adsorbents.  
Different types of zeolites have been utilized in various adsorption methods such as 
PSA [8, 15, 45, 47, 48, 50, 53, 55-58, 67], VSA [7, 61, 62], and TSA [65, 82, 85, 87, 90] 
with varying selectivity for CO2 over other gases such as CH4, CO, and N2. For instance, the 
selectivity of CO2 over N2 on zeolites in PSA is ~48% whereas in TSA and VSA it is ~90% 
and ~81%, respectively [45, 82, 112], though zeolite adsorption reactivity is affected by 
temperature and pressure. Thus, the investigation of zeolite sorbents is primarily for TSA and 
VSA processes. However, zeolite-based PSA is still used to separate gas mixtures due to its 
cost-effectiveness and operational simplicity.  
Among the various types of zeolites, 13X and 5A have high CO2 capture capacities, 
due in part to their highly regular pore structure and large surface area [87]. The kinetics of 
CO2 adsorption on zeolites leads to the reaction reaching near equilibrium within a few 
minutes, through the reaction is significantly faster in the initial adsorption period. The 
characteristics of zeolites can be evaluated by analyzing their selectivity, adsorption 









(a) Adsorption Isotherm of CO2 (1) and N2 (2) [57] 
 
(b) Effect of cycle time on the purity and recovery of N2 [45] 
Figure 12. Evaluation of zeolite 13X on the basis of isotherm, purity and recovery. 
 
One important property for capturing CO2 effectively is a sorbent’s selectivity for 
CO2 over other gases, particularly for species with a smaller molecular volume such as N2. 




equilibrium adsorption isotherms for CO2 and N2 gases on the adsorbent using experimental 
data and Langmuir isotherm models (Figure 12). The adsorption isotherms for CO2 and N2 
on zeolite 13X were measured in the pressure range of 0 atm to 2.0 atm and the temperature 
range of 30°C to 50°C [45]. Measurements revealed that the amount of adsorbed CO2 on 
zeolite 13X was four times larger than it was for N2 in most over the temperature range, 
showing that zeolite 13X has a higher selectivity for CO2 than N2. 
Adsorption isotherms are modeled by the Langmuir isotherm and the Langmuir-
Freundlich isotherm. For the parameters of the equations, Langmuir isotherm parameter ( ib ) 
and saturation amount adsorbed component ( siq ) are functions of temperature as follows: 
 1 ,1 ,2exp( / )   /i io si i ib b b T q a a T    (2) 
where bi denotes the Langmuir isotherm parameter (1/mmHg), qsi saturation amount 
adsorbed of ith component (mol/g). 



























where n is a power constant and the isotherm parameters, bio, b1, ai,1 and ai,2 are calculated by 
isotherm experiments by using CO2 and N2 gases and zeolite 13X (Table 3). 
The Langmuir isotherm models the adsorption of gas molecules on the surface of a 
solid sorbent at constant temperature on a fixed absorption bed. It simulates the surface 
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coverage of a monolayer without intermediate forces between the gas molecules already 
adsorbed on the surface of sorbent.  
TABLE 3. Langmuir Isotherm Parameters for CO2 and N2[55] 
Gas 1,ia (mol/g) 2,ia (K) 0,ib (1/mmHg) 1,ib (K) 
CO2 -1.95 2.03 87.84 2200 
N2 -1.03 0.61 2.81 2520 
 
Purity and Recovery of zeolite. Another important property of zeolites is resultant gas purity 
and gas recovery calculated from data obtained in cyclic processing with the same sample. 
Of these two characteristics, purity is the ratio of the molar amount of a certain gas species 














where Tcycle is adsorption/desorption cycle time, t is reaction time, v  is feed rate, and y is the 
mole fraction of the component of interest. 
Recovery is defined as the ratio of the molar amount of a given gas species in the 











where Tcycle is adsorption/desorption cycle time, t is reaction time, v  is fluid velocity, y is the 
mole fraction of the component of interest, t is reaction time, and Tad is adsorption time.  
In typical PSA processes, the CO2 purity increases with an increase in cycle times and 
the operating time of adsorption/desorption due to the accumulation of the molar amount of 
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CO2. Thus, in order to operate the system efficiently, with enhanced CO2 purity and recovery, 
one needs to optimize various parameters such as operating cycle times, flow rates, 
adsorption times, product purge step times, and inert mole fractions (the fraction of inert gas 
species to total feed species) [8, 45, 56]. For example, the purity improved approximately 
linearly with cycle time based on the effect of cycle time on the purity and recovery of N2 
(Figure 12b). An optimum cycle time was observed at ~300 seconds for zeolite 13X since the 
separation of CO2 and N2 on zeolites is equilibrium rather than kinetically controlled, 
resulting from the favorable operation under relatively long adsorption/desorption times [45]. 
 
Equilibrium and kinetic adsorption. Li, et al. [73] carried out the studies of adsorption 
equilibrium and kinetic separation for multi-gas stream (CO2, N2, O2 and CH4) on zeolite β 
in a TSA system (Figure 13). Between adsorption equilibrium and kinetic separation, 
equilibrium selectivity is most commonly used for TSA processes. The adsorption 









   (7) 
where Ax , Bx , Ay  and By  are the mole fractions of components A and B in the adsorbed (x) 




(a)  Adsorption equilibrium separation factor as a function of temperature. 
 
(b) Adsorption kinetic separation factor as a function of temperature. 
Figure 13. The adsorption equilibrium and kinetic separation factor for a TSA process with 




 For typical Langmuir isotherms, this factor is constant and is found as the ratio of the 








   (8) 
where pAK and pBK  are the Henry’s Law coefficient of adsorption equilibrium for 
components A and B, respectively. 
 The adsorption equilibrium separation factor is described as a function of inverse 
temperature. When the temperature increases, the equilibrium separation factor decreases, 
resulting from the relative magnitudes of the heats of adsorptions of the two gas species 
(Figure 13b) [73]. This phenomena is captured by the Van’t Hoff equation where the value of 
RT
HH BA )(   reduces as temperature, T increases [73]. The selectivity of CO2 over other 
gases dominates at higher temperatures due to the higher Henry’s Law constant of CO2 
among several gas components. A kinetic separation factor can be useful to examine the 
separation mechanism of any binary gas system. Similar to PSA systems, the kinetic 
separation factor is related to the diffusion process, which is the major mass transfer 










   (9) 
where Dc,A is the diffusivity within a crystal of component A (m
2
/s), Dc,B is the diffusivity 
within a crystal of component B (m
2










DD ac exp0  with D0 being a pre-exponential factor (m
2
/s), Ea 







T the temperature in Kelvin. Kinetic separation factors for N2 over CO2 and O2 over CO2 
decreases as temperature increases whereas the separation factor of N2 over O2 increases 
slightly, depending on the relative magnitudes of the diffusion activation energies [73]. These 
results indicate that at low temperature, kinetic separation prefers N2 over CO2 and O2 over 
CO2 for zeolite .  
 
Effect of water vapor.  
 
Figure 14. Vacuum Swing Adsorption for CO2+air, H2O + air and CO2/ H2O + air in zeolite 
13X at 30°C [7]. 
 
CO2 adsorption in the presence of water vapor is an important consideration for the 
application of CO2 separation technologies to power plants due to the presence of water 
vapor in a flue gas mixture. Li et al. studied CO2 adsorption on zeolite 13X in a VSA system 
at 30°C to evaluate the effect of water vapor [7]. CO2 capture capacity in the presence of 
water vapor becomes lower than that in the absence of water vapor due to the higher affinity 
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of H2O molecules to zeolite surfaces than that of CO2 molecules [69]. The breakthrough 
curve of CO2 with water vapor showed a considerable effect of water vapor on the CO2 
capture capacity (Figure 14), although H2O adsorption capacity was minimally impacted by 
the presence of CO2 [7, 113]. These results show a drawback in the use of zeolites without a 
water vapor removal in a flue gas mixture. The temperature should be kept above 100°C to 
avoid water condensation and saturation over the adsorbent, leading to its evaporation. 
However, this could damage the sorbent and cause pressure increases.  
 
The cost of CO2 separation using PSA and VSA on zeolite. Capture cost is one of the most 
important factors to consider before using a process in realistic industrial applications. Since 
the goal of CO2 capture and storage (CCS) is to reduce CO2 emissions to the atmosphere, the 
amount of CO2 emission avoided is more important than that of CO2 captured per unit of 
production (e.g. per kWh electricity) [114]. CCS requires additional energy input per unit of 
output. The amount of CO2 produced per unit of production may increase because the power 
plant with CO2 capture produces the same output, but generates more CO2 [114]. As a result, 
the amount of carbon dioxide avoided is less than the amount of carbon dioxide captured. 




























where Ki and Oi are the capital and operating costs (US$ million) in the ith year, d is the 
discount rate (% pa), and “CO2 avoided” is the annual amount of avoided CO2 emissions in 
millions of tons. Avoided CO2 is defined as the difference between CO2 emitted and CO2 
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captured. The lower amount of CO2 avoided than that of CO2 captured suggests that the costs 
per ton of CO2 avoided will be higher than the costs per ton of CO2 captured. The capital and 
operating costs involve CO2 recovery and purity, and CO2 compression [47]. The total capital 
cost is estimated as the cost of all processing equipment in a given facility used for CO2 
capture, and the operating costs include fixed general maintenance costs comprising labor, 
payable non-income government taxes, and insurance costs as well as energy costs [47]. 
 










Cost year 2006 2006 1992 
CO2 recovery rate (%) 85 85 95 
CO2 purity (%) 48 48  
Energy penalty (%) 30 35 40 
Total Capital Cost 
(US$/kW) 
1.3 1.45 1.5 
Capture Cost 
(US$/ton of CO2 avoided) 
51 57 64 
1
 PSA denotes pressure swing adsorption; 
2
VSA vacuum swing adsorption; 
3
IEA GHG 
International Energy Agency for Green House Gas. 
 
 
Ho et al. [47] and Rueiner et al. [115] represent estimated CO2 capture costs for 
pressure swing adsorption (PSA) and vacuum swing adsorption (VSA) with commercial 





. The International Energy Agency for Green House Gas (IEA 
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GHG) studied CO2 adsorption costs with the PSA process applied to the flue gas of power 
plants [115]. It estimates that capture cost and capital cost are US $64/ton of CO2 avoided 








Figure 15. CO2 Vacuum Swing Adsorption (VSA) on zeolite 13X [7]. 
 
(a) Effect of initial concentration  
at 20˚C and evacuation pressure of 3kPa 
(b) Effect of temperature at 12.1% CO2 
concentration and evacuation pressure 
of 3kPa  
(d) Effect of evacuation pressure 
at 15˚C and 12.1% CO2 concentration  
(c) Isotherms for CO2 and N2 adsorption 
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Zhang et al. [7] studied purity, recovery, and capital cost for the VSA process with 
zeolite 13X as a function of initial CO2 concentration, temperature and evacuation pressure 
(Figure 15). The purity and recovery of VSA increased as the inlet CO2 concentration 
increased (Figure 15a). When the concentration of CO2 was 12%, over 80% purity and 80% 
recovery were shown and the estimated process cost reduced from ~ $21/ton CO2 avoided to 
~$10/ton CO2 avoided. Overall, for 12.1% CO2 concentration at 20°C, process cost is ~ 
$19.5/ton CO2 avoided. This suggests that the VSA process can be suitable for CO2 flue gas 
concentrations larger than 40% in water gas shift reactors in integrated gasification combined 
cycle (IGCC) systems. However, it might not be suitable for low CO2 streams (~3%) of gas 
turbine processes because the capture cost of VSA dramatically increases as CO2 
concentration decreases [7].  
It is desirable to optimize the design parameters of VSA by adding some steps in 
VSA such as an improvement of vacuum pressure intensity, an increase in reaction 
temperature, and the development of appropriate adsorbents to use VSA in IGCC systems. 
Capture costs increased with temperature due to an additional energy input (Figure 15b). 
Purity improved as the temperature increases predicted by the adsorption isotherms, but the 
trend of recovery was different from that of purity (Figure 15b). Recovery increased slightly 
up to 35°C, and then gradually decreased due to the decrease in capture capacity of the 
zeolite 13X [62]. 
In VSA, optimizing vacuum pressure is a key to cost-effective operation. The higher 
the evacuation pressure, the higher the power consumption and the lower the recovery 
(Figure 15d). Adsorption isotherms for CO2 also explained the relationship among purity, 
recovery, and vacuum pressure (Figure 15c). At low pressure (0 to 6 kPa) through the 
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temperature range, the increment levels in the isotherms have steep slopes, indicating that 
selection of the right pressure at desired temperatures is important to achieve optimal purity 
and recovery in the VSA process. 
There are a few issues with the use of zeolites. First, in the presence of water vapor in 
concentrations typical of flue gas from power plants, CO2 capture capacity is reduced due to 
the higher affinity to zeolite surfaces for water molecules compared to CO2 molecules [69]. 
Secondly, the CO2 sorption capacity of these sorbents decreases as temperature increases [67, 
72, 87, 90] while many other sorbents show the opposite behavior [3, 14, 16, 78, 92, 98, 116]. 
Thus, in applications to commercial systems, it is important to find the optimal temperature 
range.  
2) Activated carbon 
 The meso- or microporous carbonaceous structures of activated carbons (AC) are 
widely considered as some of the strongest molecular sieves due to their highly adsorptive 
properties, which results from their potentially high surface area (over 1000m
2
/g) and large 
pore volume (over 0.6 mL/g). In addition, ACs have lower cost and higher hydrophobicity 
than zeolites. 
The adsorption isotherms of CO2 and N2 on activated carbon have been carried out in 
the pressure range of 0 atm to 2.0 atm and the temperature range of 15°C to 55°C to evaluate 
the adsorption properties (Figure 16a) [8]. CO2 was adsorbed on activated carbon in amounts 
that were over four times larger than N2 over the temperature range, showing that activated 
carbon has a high selectivity for CO2 over N2. The Langmuir-Freundlich model (Eq. 3) 
simulated the isotherms better than the ordinary Langmuir model (Eq. 2) for both gases. This 
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higher accuracy in describing the adsorption process is due to the larger number of 
parameters (three) in the Langmuir-Freundlich model compared to those in the ordinary 
Langmuir model [117].   
 
 







Figure 16. Evaluation of activated carbon on the basis of isotherm, purity and recovery [8]. 
(1) (2) 
(b) Purity and recovery of CO2 with 
various processes in PSA system. 
(c) Effect of cycle time 
on the purity and recovery of CO2 
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Na et al. [8] employed product purge and pressure equalization, and discussed the 
purity and recovery of CO2 in the PSA system to evaluate the addition of operating processes 
for the improvement of the adsorption capacities (Figure 16b). The purity and recovery of 
CO2 were ~50% and ~72%, respectively for the typical PSA operating cycle, including 
pressurization, adsorption, depressurization and regeneration. The amount of N2 gas adsorbed 
during desorption in the depressurization step resulted in the differences in purity and 
recovery [8]. The PSA system with additional processes (i.e., product purge and pressure 
equalization) produced similar performances for purity. When both product purge and 
pressure equalization are included, the purity of CO2 increased significantly to ~ 91%. 
However, the recovery decreased to ~46%, leading to poor overall performance because the 
purge step does not enhance the N2 desorption rate. Thus, the most cost-effective process 
with the highest recovery of gas species for PSA uses only pressure equalization. As for the 
effect of adsorption/desorption cycle times on the purity and recovery of CO2 and N2, the 
purity increases with an increase in the cycle time, whereas the recovery decreases (Figure 
16c) [45]. An optimum cycling times is observed at ~15 minutes. 
Park et al. [48] investigated the PSA process using a double-layered sorbent bed with 
two adsorbents, activated carbon and zeolite 5A for multi-component (H2, CO2, CH4, and 
CO) adsorption for another configuration of process improvement to enhance adsorption 
capacity. For activated carbon (a) and zeolite 5A (b), the selectivity of CO2 is significantly 
higher compared to the selectivity of other gases on both adsorbents (Figure 17). However, 
strong CO2 adsorption at low pressures (high affinity) on zeolite 5A is an issue because low 





(a)Equilibrium isotherms on activated carbon at 299K 
 
(b)Equilibrium isotherms on zeolite 5A at 298K 
Figure 17. Equilibrium isotherms of a double layer PSA system for multi-gas components 
[48]. LRC denotes the loading ratio correlation (LRC) isotherms. 
50 
 
Park et al. [48] evaluated an optimal design of a layered column to determine the 
maximum capacity of adsorbents, adjusting feed quantities of each adsorbent since two 
adsorbents have a different affinity of inlet gas species in the double layered column. A short 
layer height of the activated carbon resulted in an unused region in the zeolite layer when 
CO2 begins to break through the activated carbon whereas a long layer height of the activated 
carbon can cause an unused region in the activated carbon layer when CO or CH4 initiate to 
be adsorb through the entire column length [48]. Therefore, the layer height of activated 
carbon should be optimized to reduce the unused column portion, and the feed amount for 
adsorption in the double layered column should also be maximized at this optimal column 
height. When the activated carbon bed length was ~74 cm out of the total bed length of 
120cm, the rate of feed quantities on the double layered sorbent reached their maximum 
(Figure 18). Thus, the optimal ratio of layered bed length for activated carbon over zeolite 
5A was found to be 0.62.  
According to the bidisperse pore models involving the micropore or macropore 
structures of the activated carbons, the CO2 adsorption of activated carbons is dominated by 
diffusional mass transport. Because of their equilibrium capacity over the short kinetic time, 
the CO2 adsorption kinetics on activated carbons is comparable to those on zeolites. However, 
since activated carbons have a high affinity for water vapor, resulting in their low CO2 
adsorption capacity, an additional modification of the surface functionalities of activated 
carbon is required for feasible application because the flue gas of coal-fired power plants 





Figure 18. The effect of layer length on a double layer PSA system for multi-gas components 
[48]. Total bed length: 120cm; QD: total inlet into a layered bed; QAC: total inlet into a pure 
carbon bed, 14.8% vol CO2 at 17.0 atm 
 
3) Amines 
Monoethanolamine (MEA) has been utilized to make detergents, emulsifiers, polishes, 
pharmaceuticals, corrosion inhibitors, and chemical intermediates [118]. Moreover, the 
reaction of MEA with ammonia produces the chelating agent, ethylenediamine (EDA) [118]. 
Both EDA and MEA have been utilized for CO2 separation in the gas and oil industries for 
several decades. Based on the thermodynamics of amine-modified supports, CO2 adsorption 
capacity decreases as the temperature increases due to the negative values of the heat of 
adsorption and the entropy of adsorption. For the evaluation of adsorption kinetics, heat-
transfer limitations are a concern for the adsorption reactivity of the different types of amines 
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or inorganic compound-supported amines due to the high heat of CO2 adsorption on amines 
and the inhibited thermal exchange of many supports, which leads to an increase in heat 
effects during adsorption kinetics. 
Gray et al. [75] proposed a CO2 adsorption mechanism on amines or amine-modified 
adsorbents for primary, secondary, and tertiary alkanolamines, which react with dissolved 
CO2 to produce amine carbamates and carbonates. Solid amine CO2 sorbents provide similar 
reaction patterns to those produced with CO2, water vapor, and the amine functional group. 
DRIFTS and in-situ infrared (IR) analysis support these proposed sorption pathways on 
aminated adsorbents. IR peaks correspond to carbamate, carbonate, and bicarbonate species 
produced via CO2 adsorption with amine functional groups. The mechanisms of the 
interaction between CO2 and amines depend on the amine structure. The reaction mechanism 
for CO2 adsorption on primary, secondary, or tertiary amines that contain an amine 
functional group surrounded by a crowded steric environment is as follows [119-121]: 
 2  (zwitterion)CO AmH AmH COO
    (11) 
  (carbamate)AmH COO B AmCOO BH       (12) 
 2 2  AmH H O AmH OH
     (13) 
where AmH is alkanolamine that contains hydroxyl (-OH) and amino (-NH2, -NHR, and -
NR2, R=C2H5) functional groups on an alkane backbone and B is a base. Primary and 
secondary amines can react with CO2 to form carbamate compounds through the production 
of zwitterionic intermediates. For the zwitterionic mechanism and the formation of carbamate 
suggested by Caplow et al. [119], the lone pair of the amine functional group is attached to 
the carbon from CO2 to produce the zwitterions, and then a free base deprotonates the 
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For secondary amines, the amino group is bound to a secondary or a tertiary carbon 
atom [122]. Under dry conditions without H2O and OH
-
, the maximum amine efficiency (i.e., 
the quantity of absorbed CO2 over amine loading) of an amine adsorbent is 0.5 mol CO2 per 
mol N, whereas under moist conditions with H2O acting as a base, the maximum amine 
efficiency is 1.0 mol CO2 per mol, indicating that an amine reacting with H2O or OH
-
 
provides more capacity for CO2 capture.  
In the case of tertiary amines, the reaction mechanism for CO2 adsorption is different 
from those using primary and secondary amines. Rather than reacting directly with CO2, 
tertiary amines catalyze the production of bicarbonate. Donaldson et al. [123] discusses the 
mechanism of the base-catalyzed hydration of CO2 for the reaction of CO2 with tertiary 
amines. The reaction mechanism for CO2 adsorption on tertiary amines is as follows [120, 
121, 123]: 
 2 3  CO OH HCO
    (14) 
 2 3 2 3-AmH HCO AmH HCO
      (15) 
First, the tertiary amine dissociates H2O to produce a quaternary cationic species, and OH
-
 
reacts with CO2 to produce the bicarbonate anion. Then, the ion of the protonated amine and 
bicarbonate are coupled. For example, the MEA equilibrium for CO2 capture in aqueous 
medium is: 
 2 4 2 2 2 2 4 3 3C H OHNH H O CO C H OHNH HCO
      (16) 
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Following this reaction pathway, 1 mole of CO2 reacts with 1 mole of MEA to form 
stable bicarbonate compounds. Forward rate constants for the reactions of CO2 with various 
amines, such as, MEA, diethanolamine (DEA), triethanolamine (TEA), and 
methyldiethanolamine (MDEA)are in the range from 9 to 7600 mol/Ls (Table 5).  
 
TABLE 5. Typical values of forward rate constant for CO2-amine reactions [76] 






MEA is regarded as a high potential sorbent for CO2 separation among the various 
amines because the high rate of reaction results in the high rate of mass transfer [76]. 
However, CO2 sorption with MEA solutions has several drawbacks: (1) low CO2 capture 
capacity; (2) high energy and water consumption due to the constant temperature adjusting 
(up to 70% of the total operating costs in CO2 separation plants); (3) high energy 
requirements for CO2 desorption due to its high reaction heat; (4) high equipment corrosion 
rate; and (5) amine degradation by SO2, NO2, HCl, HF, and O2 [26, 83, 124-126]. Therefore, 
attempts have been made with various types of solid amines, or solid amines modified by 
metal oxides in order to offset the weaknesses of the MEA based solution process [3, 14, 26, 
38, 59, 75, 79, 83, 100, 124, 125, 127-134].  
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Hiyoshi et al. [69] investigated CO2 adsorption on amine modified SBA-15 in the 
presence of water vapor (Figure 19). 3-aminopropyltriethoxysilane (denoted as APS), N-(2-
aminoethyl)-3-aminopropyltriethoxysilane (AEAPS) and (3-trimethoxysilylpropyl)-
diethylenetriamine (TA) were utilized as grafting agents. The impregnated samples were 
denoted as APS/SBA (obtained by APS impregnation into SBA-15), AEAPS/SBA and 
TA/SBA, respectively. The adsorption capacity of amine modified SBA-15 was much higher 
than that of APS/SBA (Figure 19a) [69]. Figure 19b describes the relationship between 
amine efficiency and amine surface density. Note that the surface density of amine is the 
number of nitrogen atoms over 1 nm
2 
of the SBA-15 surface. In this study, amine efficiency 
is defined as the quantity of absorbed CO2 (mmol/g) over amine content (mmol/g) at 60ºC 
with CO2 (15%), H2O (12%) and balanced with N2 (74%). The adsorption process on amine 
grafted SBA-15 forms ammonium carbonate is as follows [135]: 
 2 2 32 - -  -R NH CO R NHCOO R NCO
     (17) 
As shown, two moles of amino groups react with one mole of CO2 to produce one mole of 
ammonium carbamate; isolated amine on the SBA-15 surface does not attract CO2for 

















(b) Separation of carbon dioxide and methane on TEA grafted SBA-15  
Figure 19.  Breakthrough profiles of carbon dioxide on amine modified SBA-15 [59, 69]. 
(1) CO2 Breakthrough profile at 60°C over 
TA/SBA (○) and APS/SBA(i) (□): The 
mixture of 15% CO2, 12% H2O with N2 
balance; total flow rate: 30 cm
3
/min. 
(2) Relationship between amine efficiency 
and surface density of amine over 3-
aminopropyltriethoxysilane (APS (●)), N-(2-
aminoethyl)-3-aminopropyltriethoxysilane 
(AEAPS (▲)),(3-trimethoxysilylpropyl)-
diethylenetriamine (TA (♦)) 
(3) CO2 Breakthrough profile on SBA-15 
without TEA-modification: The mixture of 
9.74% CO2, 11.22% CH4 with He balance; 
total flow rate: 100 cm
3
/min; pressure: 
0.5Mpa. 1:CH4; 2: CO2; 3:He 
 
(4) CO2 Breakthrough profile on SBA-
15 with TEA-modification: The mixture 
of 9.74% CO2, 11.22% CH4 with He 
balance; total flow rate: 100 cm
3
/min; 





Amine efficiency, defined again by the quantity of sorbed CO2 (mmol/g) over amine 
content (mmol/g) at 60ºC with CO2 (15% vol), H2O (12% vol) and balanced with N2, shows 
nearly linear dependence with N-atom surface density (the number of nitrogen atoms on the 
surface area) for different supports, indicating that the length among tethered amines on the 
surface is an important parameter for CO2 adsorption (Figure 19b). The increase in the 
surface density leads to an increase in the N-H bond and C=O stretching intensities from 
ammonium carbonate.  
TEA grafted SBA-15 was selected for the evaluation of the selectivity of modified 
amines, the study yielded the breakthrough curves of CO2 and CH4 without TEA and with 
TEA (Figures 19c and 19d). The breakthrough profile of Helium (He), the balance gas for the 
gas mixture, is much more different than CO2 and CH4. Without TEA modification, the 
breakthrough profile of CO2 and CH4 is not suitable for separation due to the high affinities 
of carbon to the SBA-15 frame work. On the other hand, with TEA impregnation, the 
breakthrough time of CH4 becomes shorter, from ~100 seconds to ~40 seconds, and for 
carbon dioxide the breakthrough time becomes much longer, from ~230 seconds to ~775 
seconds, indicating that TEA grafted SBA-15 enhances the separation capability of CO2 from 
a gas mixture. 
4) Organic/Inorganic Hybrid Materials 
 Recently, new organic/inorganic hybrid materials have shown great potential for 
carbon dioxide capture, resulting from an increase in the accessible number of sorption sites 
per mass of sorbent. Sorbents in this category include covalently amine-impregnated silica 
supports such as amine-modified silane and polymerized reactive amine on silica. The 
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common synthesis methods for covalently amine-impregnated adsorbents are saline 
chemistry and polymerization. The schematic structures of various amines found on amine-
impregnated mesoporous silica (SBA-15) created by surface reaction and surface 
polymerization, as shown in Figure 20 [77]. The grafting process of the hybrid aminosilica is 
achieved by accumulating alkoxy groups from using silane chemistry on the surface silanols 
to create covalent bonds to the silica surface through the breaking of Si-O-Si bonds, 
including organic functionalities through substitution on the silane [136]. These silane-
modified samples can be reformed to make large amine-loaded dendritic structures that are 
tethered mainly in the pore space [136]. 
 
  
Figure 20. Schematic structure of various amines modified SBA-15 [77]. 
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  Due to the distinct chemical nature of individual species, meaning their different 
structures, morphologies, and spatial arrangements, the complex structural layer of organic 
materials formed during amine impregnation can be easily changed with a simple 
modification of synthesis conditions. In addition, inorganic supports can themselves become 
suitable supplementary materials for a complex structural layer of organic and inorganic 
materials. 
 Organic polymers and inorganic materials have also been combined by mutual 
dispersion at the molecular level [137-140]. Since sorbents with a three-dimensional structure 
of inorganic components such as silica dispersed at molecular dimension in organic 
components provide more stability for dynamic intermediate species, these hybrid materials 
can be readily regenerated for adsorption [140]. Unlike many different kinds of amine-
modified silica, organic/inorganic hybrid aminosilica with high amine-loading has good 
stability and recovery capacity for multiple cycles. However, the regeneration ability of the 
amine-tethered supports synthesized by physisorption methods is inhibited. Although 
physically tethering low molecular weight amines onto the supports leads to a high loading of 
amine, the materials suffer from degradation due to leaching of the organic polymers from 
the supports because of weak linkages between amines and supports. If an approach can be 
found to make the organic polymers remain linked, the regeneration stability will improve 
[77]. 
Hick et al. [77] synthesized covalently silica-grafted hyperbranched aminosilica 
(HAS) with a high loading of amine adsorption sites. Such organic/inorganic hybrid 
aminosilicas are easy to synthesize, have strong covalent organic/inorganic linkages, and are 
potentially low cost [77]. HAS created by polymerization of aziridine is prepared by mixing 
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the silica substrate with a precursor of the amine polymer in solution [77]. The HAS 
synthesis produces Si-O-C bonds through ring-opening polymerization with surface OH 
groups on the silica surface. Aziridine can be polymerized off of silane-functionalized 
surfaces that contain nucleophilic reactive amines [136]. In the final product, the amine 
polymer is bound on the silica surface. Since HAS has a low surface area, mesoporous silica 
(SBA-15) supports are substituted to produce hybrid aminosilicas with high-loading amine 
adsorption sites over a high surface area. The synthesis leads to highly cycleable CO2 capture 
capacities because SBA-15 supports have strong covalent bonds between amines and 
supports, leading to fully regenerable capacity during multiple cycles of ad/desorption [77].  
  Other organic/inorganic hybrid materials which have recently received significant 
attention are the metal-organic frameworks (MOFs) developed by Yaghi and coworkers 
[109]. MOFs are attractive because of their high thermal stability, modifiable chemical 
functionality, and crystalline, highly well-ordered, porous structures [109]. MOFs typically 
have three-dimensional organic–inorganic hybrid networks bound by different combinations 
of the metal–ligand bonds, creating hubs, linked by struts consisting of organic compounds. 
The special nature of MOFs provides a number of combined networks of topologies, many 
types of arrangements for strut linkages, and strong metal-ligand bonds in the structure, 
resulting in the production of various types of MOFs. MOF-5 (Zn4O(BDC)3(DMF)8(C6H5Cl), 
where BDC=1,4-benzenedicarboxylate and DMF=N,N'-dimethylformamide) consisted of 
tetranuclear supertetrahedral clusters connected by bidentate BDC ligands into an octahedral 
arrangement [141]. The DMF molecules were substituted for dichloromethane molecules by 
solvent exchange, and the void sites were created by application of a vacuum removing 




Figure 21. Different crystal structures of MOFs at room temperature. For each MOF, the 





Figure 22. Comparison of GCMC simulations and experimental adsorption isotherms for 
CO2 in IRMOF-1 [110].  
 
  MOFs provide many types of cross-section framework schemes, such as square 
channels (MOF-2), pores decorated with open metal sites (MOF-505 and Cu3(BTC)2), and 
hexagonally-packed cylindrical channels (MOF-74). Other types of MOF are interpenetrated 
structures (IRMOF-11), MOFs with amino- and alkyl-functionalized pores (IRMOFs-3 and -
6, respectively), and the extra-high porosity frameworks, IRMOF-1 and MOF-177 (Figure 
21) [109]. 
 Millward and Yaghi presented the results of adsorption equilibrium at room 
temperature to evaluate the adsorption capacity for CO2 on different MOFs [109]. They 
found MOF-177 has a higher adsorption capacity than conventional adsorbents such as 
zeolite 13X and activated carbon. For the evaluation of adsorption properties, Figure 22 
shows experimental adsorption isotherms developed using a molecular model in IRMOF-1 
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(MOF-5). The molecular model can provide the reaction patterns and steps that account for 
the mechanism of CO2 adsorption over a wide temperature range. Grand canonical Monte 
Carlo (GCMC) simulation provides the modeling results. Adsorption isotherm models show 
S-shaped isotherms that result from the very large pore sizes [110]. 
 Many kinds of MOFs have a potential to adsorb CO2 in the range of 0.15 to 1.5g CO2 
per g MOF [109]. IRMOF-1 also has a high adsorption capacity, about 1.5 g CO2/g MOF. 
The molecular model shows good agreement with the experimental results. Below the state 
of a rapid increase in capture capacity in the isotherm graph (Figure 22), CO2 molecules 
mainly fill the pores of the networks of the MOF cavities with an increase in pressure. This 
profile trend, known as a type V isotherm, can lead to hysteresis, but the experimental and 
model results have not find this to be the case in this material [142]. The shape of the 
isotherm plots results from favorable electrostatic interactions between CO2 molecules [142]. 
5) Lithium zirconate 
 Alkali metal materials (e.g., Li2O, Na2O, K2O, Rb2O, and Cs2O) generally provide 
lower adsorption capacity and require more energy for carbonation and calcination compared 
to alkaline-earth minerals such as CaO and MgO. Another type of lithium-based oxide, 
however, Lithium zirconate (Li2ZrO3) has attracted attention as a promising sorbent for CO2 
adsorption at high temperatures (in the range of 400ºC to 800ºC) due to its highly stable 
adsorption reactivity and thermal stability. Carbonation and calcination are expressed by the 
reversible equilibrium reaction as follows: 
 
2 3 2 2 3 2( ) ( )  ( )  ( )  Li ZrO s CO g Li CO s ZrO s   H 160kJ/mol 
  (18) 
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 Lithium zirconate has a high capture capacity (~4.5 mmol/g) and good stability over 
many regeneration cycles [81, 86, 103]. Moreover, it has high selectivity for CO2 and low 
affinity for N2 [81]. At atmospheric pressure, the forward reaction (carbonation) is 
thermodynamically favorable up to 800ºC. Calcination dominates at temperatures above 
800ºC. The XRD pattern for structure modification during sorption and desorption indicates 
that CO2 carbonation using Li2ZrO3 is reversible [86].  
   
 





 Fauth et al. [80] examined Li2ZrO3 carbonation modified with alkali (Li, K, and Na) 
and with alkali/alkaline (K, Mg) carbonate. The CO2 adsorption rate increases as the CO2 
diffusion rate increases in the range of 400ºC to 800ºC [86, 103]. In addition, binary 
K2CO3/MgCO3 and KF with pure Li2ZrO3 have a faster CO2 sorption rate at 500ºC than only 
pure Li2ZrO3 since the additional carbonation reaction using potassium occurs and then forms 
carbonates. Li2ZrO3, modified by NaF/K2CO3 with Na2CO3, had the highest capture capacity 
and the fastest CO2 sorption rate at 600 ºC and 700ºC. 
 Ida et al. [86] described a proposed double-shell mechanism for CO2 adsorption and 
desorption on Li2ZrO3 (Figures 23 and 24, respectively). For adsorption, the relatively fast 
CO2 sorption may initiate before the formation of a dense Li2CO3 shell on the surface and 
before the formation of a dense solid ZrO2 shell in the core surrounded by the non-reacted 
solid Li2ZrO3 [86]. After the formation of the Li2CO3 and ZrO2 shells, the carbonates thicken, 
inhibiting CO2 sorption into the non-reacted pore regions of materials. Thus, the process rate 
decreases even though adsorbates continue to react with the exposed surface and pore of the 










 on the surface of the ZrO2 shell [86]. O
2-
 can fill up open sites and Li
+
 
can diffuse through the ZrO2 shell since ZrO2 provides a large number of oxygen vacancies 




 are considerably smaller than 
those of CO2, the diffusion rate of CO2 into the Li2CO3 layer is slower than that of both ions; 





Figure 24. Schematic diagram of the proposed mechanism for CO2 desorption on Li2ZrO3 
[86]. 
 
The Li2CO3/K2CO3 layer encompasses Li2ZrO3 at high temperatures, and changes 
into molten carbonates due to its lower melting point. CO2 diffuses through this layer and 
reacts with Li2ZrO3 since CO2 diffusion in the molten carbonate is much faster than in the 
solid carbonate Li2ZrO3 (Figure 23c and 23d) [86, 144]. At the same time, Li2CO3, which is 
immediately produced, combine with the molten carbonate. This step results in an increase in 
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the volume of the molten carbonate layer, which can lead to a higher CO2 sorption rate on the 
modified Li2ZrO3. Therefore, the carbonation reaction is limited by Li2CO3 formation as well 
as the ion transport in the ZrO2 shell. 
 For a CO2 desorption process, the experimental temperature is increased to 780°C, 
which is higher than the melting point of Li2CO3. Thus, both Li2CO3 in the Li2ZrO3 and the 
lithium/potassium carbonate mixture in the modified Li2ZrO3 are formed in the molten phase 
(Figure 24) [86]. First, Li2CO3 reacts with ZrO2 to form Li2ZrO3 and CO2 reversibly. Second, 
CO2 diffuses through a liquid Li2CO3 or Li2CO3/K2CO3 mixture to the outside, and during 




 keep diffusing through the Li2ZrO3 
shell for CO2 desorption [86]. Ida et al. [86] and Fauth et al. [80] found that the CO2 sorption 




 ions transport within the outer layer of the 
solid Li2O3 shell.   
6) Sodium based sorbent 
Alkali metal carbonates such as K2CO3 and Na2CO3 have received some attention 
since they easily react with carbon dioxide and water vapor to form alkali metal bicarbonate. 
In the presence of water vapor, chemical reactions can be reversed at relatively low 
temperatures for the regeneration of the sorbents. Seo et al. [16] carried out CO2 carbonation 
and calcination with water vapor on a sodium-based solid sorbent.  
The reaction sequence is:  




(a) CO2 breakthrough profile                                (b) Effect of water vapor pretreatment 
 
(c) Cyclic adsorption profile                         (d) Properties changes of adsorbent during cycle 
Figure 25. The Temperature Swing Adsorption (TSA) System on sodium-based solid sorbent 
[16]. Note for (d): sample #1: Dried fresh sample at 300°C; #2: 50°C carbonation for 1hr 
after 30min pretreatment; #3: 135°C regeneration for 1hr under N2 after sample #2; # 4: 






Seo et al. [16] used a fluidized-bed reactor for the high rate of mass and heat transfer 
since heat release can reverse the carbonation process during the highly exothermic chemical 
adsorption. They created Sorb NX35 (35% Na2CO3, and 65% support and binder) and used it 
with water vapor pretreatment in a bubbling fluidized-bed reactor using the TSA system 
(Figure 25a). They conducted the adsorption experiments at 50°C using a simulated flue gas 
mixture (10% CO2, 77.8% N2 and 12.2% H2O) and the regeneration experiments at 135°C 
using pure N2.  
Experiments using a Sorb NX35 adsorbent with water pre-treatment show a high 
capture capacity of 8.1g CO2/g adsorbent and 90% regeneration capacity because a pre-
treatment step enhances the capture capacity (Figure 25b). Without water vapor pretreatment, 
CO2 capture capacity decreases exponentially whereas with water vapor pretreatment, it 
increases with the length of duration of the pretreatment. This result suggests that water 
vapor pretreatment, instead of being just a reactant in the reaction (Na2CO3 +CO2 +H2O ↔ 
2NaHCO3), can play an important role in the reaction of CO2 with Sorb NX35. However, 
overexposure to water pretreatment above the appropriate duration causes a loss of CO2 
capture capacity and of regeneration level due to the damp agglomeration of the adsorbent 
and a higher affinity of the H2O molecules to the sorbent’s surface compared to that of CO2 
molecules.  
During cyclic adsorption after desorption at 135°C, CO2 capture capacity decreases 
sharply (Figure 25c). This could be due to water vapor accumulation inside the sorbent pores, 
resulting in poor contact between the CO2 molecules and the sorbents. When regeneration is 
carried out at 300°C instead of 135°C, CO2 capture capacity closely returns to the initial 
capacity due to effective water removal from the sorbents and more favorable temperatures 
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for regeneration. They evaluated the BET surface area and pore volume of Sorb NX35 
sorbents to determine the adsorption properties before and after reaction since the properties 
of Sorb NX35 change during multiple carbonation-regeneration cycles (Figure 25d). After 
adsorption, surface area and pore volume decreases significantly. These properties partly 
recovered after regeneration with a pure N2 stream at 135°C. After regeneration at 300°C, 
they fully recovered, supporting the high regeneration capacity of the sorbents. 
7) Hydrotalcite-like compounds (HTlcs) 
Hydrotalcite-like compounds (HTlcs) are anionic and basic clays, known as layered 
double hydroxides (LDHs). They have been utilized as catalysts, adsorbents, catalyst 
supports, ion exchangers, filters, decolorizing agents, and stabilizers [71]. HTlcs consist of 
positively charged bidimensional layers of metal oxides (e.g., MgO) or hydroxides (e.g., 
Mg(OH)2) with trivalent and divalent cations at the center of the octahedral sites in the 
hydroxide layer, negatively charged interlayers compensating anions, and water molecules, 
all of which finally result in a charge balanced framework (Figure 26a) [98, 145].  












































), and the x value is typically (but not necessarily) 
in the range of 0.17 to 0.33. Excess positive charges obtained by the replacement of trivalent 
cations are compensated by anions and water molecules in the interlayer zone, forming a 






(a) Schematic structure of Hydrotalcite-like compounds 
 
 
(b) CO2 adsorption dependent on the anion type at 300°C 
Figure 26. Carbon dioxide adsorption on Hydrotalcite-like compounds (HTlcs) [71, 98]. 
72 
 
In recent years, Yong et al. [71] have dealt with an application of the materials for 
CO2 adsorption because of their stable anion exchange, highly stable adsorption behavior, 
high mobility of both anions and water molecules, which result from large surface areas and 
the high stability of the frame structure. The adsorption activity can be enhanced when the 
chemical structures of hydrotalcites are modified by interchanging the metal composition of 
the framework or combining dopants, alkali metals, which prevents sintering of the particle. 
CO2 adsorption capacities on HTlcs significantly depend on the type and amount of divalent 
cations, trivalent cations, and anions. Based on CO2 adsorption for different samples with two 




) (Figure 26b), HTlcs with CO3
2-
 show higher capture 
capacities than those with OH
-
 because HTlcs with the carbonate ions have more void space 
and larger interlayer spacing than the ones with OH
-
 (0.765 m vs. 0.755 m), so they can 
adsorb more CO2 molecules [71, 146].  





) cations is a 1:1 ratio. This ratio provides a maximum capacity of CO2 
adsorption. An increase in the amount of aluminum results in the reduction of the interlayer 
spaces since incorporated aluminum enhances layer charges in HTlcs, leading to a decrease 




, adsorption capacities 
increase from 0.25 to 0.5mmol/g at 300°C and 1 bar due to larger interlayer spacing and 
higher layer charges in the HTlcs with CO3
2-
 anions [116]. These results show that HTlcs 
with CO3
2-






TABLE 6. CO2 adsorption capacities on Mg-Al-CO3 Layered double oxide (LDO) 












100 0.231 0.192 0.039 87.0 
200 0.486 0.429 0.057 88.3 
300 0.249 0.208 0.041 83.5 
400 0.169 0.132 0.037 78.1 
 
Unlike other sorbents which provide either physisorption or chemisorption, HTlcs 
have a combined-sorption mechanism. Reddy et al. showed the properties of combined CO2 
adsorption (both physisorption and chemisorption) and of combined desorption, reversible 
(physical) and irreversible desorption (chemical), on Mg-Al-CO3-layered double oxide 
(LDO) (Table 6) [116]. Adsorption capacities typically decrease with increasing 
temperatures. However, the highest capture capacity is observed at 200°C instead of 100°C 
because physical adsorption dominates at 100°C. This indicates that CO2 adsorption on Mg-
Al-CO3-layered double oxide (LDO) results from both physical and chemical adsorption on 
different sites [98]. Over the temperature range, reversible (physical) adsorption composes 
over 78% of the overall adsorption. At higher temperatures (higher kinetic energies), 
desorption from the sorbent surface becomes favorable. 
 
2.4 CO2 Sequestration by Mineral Carbonation 
2.4.1 Overview of mineral carbonation 
Magnesium and calcium-based minerals are considered feasible sorbents for CO2 
separation from gas mixture streams because mineral carbonation provides enormous storage 
capacity and the sorbent reaction is naturally exothermal [20, 34, 36]. Moreover, solid 
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byproducts can beneficially supply mine reclamation or be used for soil amendments because 
magnesite (MgCO3) and silica (SiO2) exist naturally as serpentinized rocks [18]. These 
potentially useful byproducts can contribute significantly to improve the cost-effectiveness of 
CO2 capture [18, 36].  
 Large amounts of magnesium-based silicate minerals, such as olivine ((Mg, Fe)2SiO4) 
and serpentine (Mg3Si2O5(OH)4), are widely existed around the world, particularly in coastal 
areas [34]. Over geological time scales, olivine is eventually transformed into serpentine and 
magnesite (MgCO3). CO2 capture by mineral-based solids occurs when magnesium or 
calcium-rich minerals react with CO2 to produce stable carbonates which are almost 
insoluble in water, leading to the permanent formation. The general reaction of minerals with 
CO2 is as follows [18]: 
    2 2 3 2, ,  y x yxMg Ca Si O xCO x Mg Ca CO ySiO     (20) 
For magnesium-based minerals, magnesium silicate reacts with CO2 to form magnesium 
carbonate. This reaction is naturally exothermic as follows:  
 
3 2 5 4 2 3 2 2
r
( ) ( ) 3 ( )  3 ( ) 2 ( ) 2 ( )  
                                                                ( H =-64kJ/mol)
Mg Si O OH s CO g MgCO s SiO s H O l   

 (21) 
 2 4 2 3 2 r( ) 2 ( )  2 ( ) ( )  ( H =-90kJ/mol)Mg SiO s CO g MgCO s SiO s     (22) 
The heat released can be employed for CO2 adsorption since the mineral carbonation 
reactions of both olivine and serpentine are exothermic [20, 34]. They are thermodynamically 
favorable and exothermic, but the mineral carbonation reactions are slow near ambient 
temperatures (25°C) [18-20]. Therefore, a significant speeding of the carbonation reaction 
rate is needed for the development of an efficient system that will allow the feasible 
application of these sorbents. In order to improve the efficiency of CO2 capture on these 
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minerals, several pretreatment processes such as magnetic separation, heat treatment, and 
acid treatment have been developed. This section discusses the mineral preparation, the 
pretreatment processes and the process of direct and indirect carbonation. 
 
2.4.2 Mineral carbonation: A DFT quantum study 
Alkaline-earth oxides are composed of silicate minerals such as wollastonite (CaSiO3) 
and olivine (Mg2SiO4) since calcium and magnesium are not naturally available as binary 
oxides such as magnesium oxide (MgO) and calcium oxide (CaO), respectively. For the 
coordination of CO2 to an oxygen ion, CO2 reacts with metal oxide to form a relatively 
weakly bound carbonate at the MgO surface compared to a strongly bound carbonate at the 
CaO surface because of their different basicity (i.e., the ability degree of the surface to donate 
charge to the adsorbed molecule and the reactivity (i.e., decomposition of the interaction 
energy into electrostatic polarizations and charge transfer contributions). In terms of the 
electrostatic stabilization of the surface anion, the stabilization of an O
2-
 ion at the surface is 
defined by the Madelung potential of the ionic crystal. The smaller Madelung energy leads to 
the higher growth of the lattice constants, resulting in the high reactivity [40]. Since the 
Madelung energy of CaO is smaller than that of MgO, the reactivity of CaO is a higher that 
of MgO [40, 147].  
 A density functional theory (DFT) quantum study of CO2 adsorption on the MgO 
surface is used to understand the chemical activity of the oxygen site on MgO adsorbents and 
to establish the molecular structures and the molecular reaction mechanism because a DFT 
calculation yields high accuracy for adsorption energy and geometry [148, 149].  
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The adsorption energy and geometry information are shown in Table 7, including the 
experimental results and quantum calculations using the electron Hartree-Fock calculation by 
the Pacchioni group (Table 7) [150, 151]. In the interaction between the MgO surface and the 
CO2 molecule, a charge rearrangement results in linking between the CO2 molecule and the 
O site. The charged site on the surface provides the strong bond (bond length = 1.41Å ) of 
Osurface–CO2 because the adsorbed CO2 at the charged O site forms charged molecules. The 
results of the DFT calculation indicate that CO2 molecule is adsorbed on MgO, which forms 
a stable surface carbonate.  
TABLE 7. Adsorption properties of single molecular CO2 on the (22) MgO (100) surface 
 
Bond length  
(Osurface–CO2) (Å ) 
Bond length  







- - - 
-0.46 
-0.48 
Theory[147] 1.41 1.22 137 -0.49 
 
2.4.3 Kinetics of surface Mg2SiO4 carbonation 
 Surface carbonation, which occurs in the direct solid-gas phase reaction, is relatively 
uncomplicated. Solid calcium and magnesium minerals, including oxides or hydroxides, 
produce surface-adsorbed carbonates without any liquid phase. During the carbonation 
reaction, filling and pluggage of the pores of minerals are observed and the carbonate layer 
thickens, prohibiting CO2 sorption into the unreacted pore sites of materials. Thus, the 
process rate is decreased although the sample continues to react with CO2 at the pores of the 
sorbents. After the fast carbonation period, the structure modification of sorbent could occur 
during the formation of carbonates, indicating the mineral carbonation to capture CO2. 
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 The carbonation of CaO and Ca(OH)2 proceeds relatively fast in a forward reaction, 
occurring within several minutes at a high temperature (< 680K) and pressure (at 1 bar) 
compared to MgO and Mg(OH)2 [153]. Despite the rapid reaction, the feasible application of 
calcium based sorbents as feedstock is limited due to their relatively low quantity as naturally 
occurring ores. Therefore, Mg(OH)2 dehydroxylation to MgO has been broadly used for the 
industrial MgO production, due to its simple chemical property and structure. In particular, 
this process leads to the MgO carbonation to capture CO2. The reaction mechanism of the 
carbonation of Mg(OH)2 is: 
 2 2( ) ( ) ( ) ( )  (dehydroxylation)Mg OH s MgO s H O g   (23) 
 2 3( ) ( )  ( )     (carbonation)  MgO s CO g MgCO s   (24) 
The first step (eq.24) is reversible: 
 2 2( ) ( )  ( ) ( ) (rehydroxylation) MgO s H O g Mg OH s   (25) 
Final carbonation proceeds through the intermediate formation of magnesium oxide 
layers. During the surface carbonation process, a thin layer of the carbonates forms as a 
diffusion barrier to both the outward diffusion of H2O and the inward diffusion of CO2, 
decreasing the process rate.  
 Kinetic Improvements. Given the nature of the slow reaction kinetics, additional 
process and sorbent developments are required for commercial application. Slow kinetics can 
be enhanced by increasing surface area, reaction temperature, and pressure, or by using 
intermediate steps for the final reaction. This section will briefly discuss mechanical and 
chemical approaches to accelerate the rate of mineral carbonation. 
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 Using a mechanical activation by the formation of defects, increasing surface area, 
and delocalization, Balaz et al. [97] was able to enhance the carbonation rate. The study 
carried out an mechanical activation of olivine samples in three high energy mills: (1) a 
laboratory attritor mill is run at rotation (1500 revs/min) for milling times of 5–120 min and 
is operated at ambient temperatures and free access to air; (2) a laboratory planetary mill is 
run at the planet carrier rotation speed (450 revs/min) for milling times of 2–30 min and is 
also operated at ambient temperature and free access to air; and (3) a industrial nutating mill 
is run at 900 revs/min, and operated in a dry mode at ambient temperature and free access to 
air. In several tests, they examined the milling with the presence of water (50 mL, 100 mL, 
200 mL and 500 mL) [97]. During high-energy milling processes, particles are crushed and 
rounded, becoming smaller and leading to overall larger surface area as represented in Table 
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Raw - - - 0.25 - 
Attritor 1500 120 100 35.2 2.31 
Planetary 
mill 
450 30 - 5.2 6.03 
Nutating 
mill 






(a) Adsorption ratio of Carbonation and calcination for 50 cycles  
 
(b) The comparison of desorption profile dependent on temperature 
on nano- and micro-CaCO3/Al2Co3 sorbents 




 For chemical treatment of sorbents, nanomaterials have been used for carbon dioxide 
capture. Wu et al. [92] performed CO2 adsorption at 600°C and desorption at 800°C on nano-
CaO/Al2O3 adsorbent (Figure 27). The adsorption ratio, defined as the percentage of 
adsorbed CO2 within 10 min, begins at 100%, then stabilizes at about 75% after 15 cycles 
[92]. During cycling, the average pore size increases ~75.9%, whereas pore volume and 
surface area significantly decrease (~56.7% and ~73.5%, respectively) due to the sintering of 
nanoparticles and the formation of new products with larger particle size (Table 9). 
 The desorption rate of CO2 from nano-CaCO3/Al2O3 is higher than that of micro-
CaCO3/Al2O3 because the surface energy of adsorbents improves with the decrease in the 
size of adsorbent particles. High surface energy at reaction sites causes high hydration heat. 
This result supports that nano-CaCO3/Al2O3 can be a suitable CO2 adsorbent. 
    












Before 8.631 0.2578 115.5 
After 15.18 0.1116 30.57 
 
2.4.4 Mineral selection 
Both alkali and alkaline earth metals can be carbonated, but alkali carbonate cannot 
provide a stable formation due to its high solubility and would need to be stored in salt 
caverns. Of the non-alkali and non-alkaline earth metals, a few metals can form carbonates 
(e.g. Mn, Fe, Co, Ni, Cu and Zn), but most of these elements are too rare or too valuable. 
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Alkaline earth metals (calcium and magnesium) are regarded as suitable adsorbents for 
mineral CO2 sequestration because they are common in nature. Calcium carbonation is a 
higher reactive than magnesium carbonation, but magnesium-containing minerals are 
favorable for the implementation of the reaction process because large deposits with 
relatively high purity are available worldwide although  
Since igneous rocks are particularly appropriable for CO2 capture due to the essential 
nature of free carbonates, feasible adsorbents of magnesium-rich minerals for CO2 
carbonation are dunites, peridotites and serpentinites due to their large abundance in nature 
and the high molar ratio of the alkaline earth oxides in olivine, (Mg2SiO4), and serpentine 
(Mg3Si2O5(OH)4) matrix (Figure 28).  
 
 
Figure 28. Bulk size of olivine and serpentine mineral [154]. 
 
Among other alkaline earth minerals, talc ((Mg3Si4O10(OH)2) and wollastonite 
(CaSiO3) can also be considered as candidate minerals for mineral sequestration. Basalt, 
which is rich in calcium is ubiquitous, but it is difficult to extract the reactive components 
from the mineral [155]. The identification of alternative feedstock sources for CO2 
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sequestration has been in progress and research has started to find them on the field of 
industrial by-products, which is favorable for carbonation.  
 
2.4.5 Mineral availability in the United States 
For the mineral CO2 sequestration, the large deposits of mineral sorbent at the quarry 
mouth determine the location of the CO2 capture plant instead of the CO2 point sources such 
as power plant. In North America, large abundance of olivine and serpentine is found along 
both the east and west coasts. The seven major regions in the U. S. all contain significant 
mineral deposits that could be employed for mineral carbonation (Figure 29) [42, 156]. 
Figure 30 shows the picture of a quarry for mineral carbonation. 
 
 
Figure 29. Ultramafic mineral carbonation regions [42]. Circles denote radius coverage of 





Figure 30. Mineral quarry in Pittsburgh, PA [154]. 
 
 

































































































Table 10 represents the annual CO2 emissions from coal-fired power plants within a 
100- and 200-mile radius of the deposits and the annual amount of minerals from the deposit 




R shows the ratio of the mass of mineral required to carbonate one unit mass of CO2, with 
the assumption that 100% conversion of Mg or Ca is available in the mineral matrix. The 
lower 
2CO
R (1.8) for olivine indicates that considerably less olivine would be required to be 
mined for the sequestration of the same CO2 quantity compared to serpentine (2.1 to 2.5) 
wollastonite (RCO2 = 2.8). The total demands of the regional ore are very large, but the 
mineral resources significantly exceed these demands except these in regions 5 and 7. 
Additionally, the amount of mineral is 4.6 (olivine) to 7.5 (wollastonite) times more abundant 
than the amount of coal required. Therefore, this study selected olivine for the mineral 
carbonation. 
 
2.4.6 The Process of mineral carbonation 
 
 
Figure 31. Schematic diagram of carbonation for CO2 sequestration [158]. 
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Mineral carbonation for CO2 sequestration is achieved in the following sequence: (1) 
pre-treatment, (2) mineral transport to a mineralization plant to capture CO2 from a plant, (3) 
direct/indirect mineralization, and (4) re-use/disposal (Figure 31) [32]. 
1) Pre-treatments 
To increase the active surface area for effective carbonation reaction of the minerals, 
the following pre-treatment options can be used: (1) the mechanical treatment and (2) the 
thermal treatment. 
 Mechanical treatment- To increase the reaction activity of minerals, they must be 
grinded for the size reduction. Instead of normal grinding, high-energy attrition grinding, 
where small balls mixed with the minerals are stirred in a chamber, is employed to 
uniformly reduce the particle size.  
 Thermal treatment- By heating the minerals to 600°C to 650°C, the wet sample is 
refined and their structures are opened to the reactive surface. In addition, the porosity of 
the mineral can be increased by steam or supercritical water treatment [159]. 
The pre-treatment step is required to achieve the rate of highly active carbonation in 
direct gas-solid phase reaction, but it causes additional costs and energy consumption for 
extra processes. For example, the pre-treatment process of olivine and hydrated magnesium 
silicate (serpentine) causes an energy penalty of 70kWfflh/ton to 150kWfflh/ton and 
300kWfflh/ton of mineral, respectively. This significantly decreases the CO2 avoided for 
mineral carbonation from 72% to 38%. Therefore, the necessity and desirable effect of the 
pre-treatment process should be balanced with the practical design and control criteria of the 
system through the improvement of treatment efficiency.  
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2) Carbonation processes 
The carbonation process can be conducted using two methods: (1) direct carbonation 
and (2) indirect carbonation. 
 Direct carbonation- The simplest process is the direct gas-solid phase carbonation. 
Figure 32 shows a typical flow diagram of the direct carbonation process. A commercial 
process generally provides mining, crushing, milling of the mineral-bearing ores, and a 
plant for mineralization. 
 
 







The direct gas-solid reaction of olivine (Eq. 26) and the hydrated magnesium silicate, 
serpentine (Eq. 27) is as follows: 
        2 4 2 3 22  2Mg SiO s CO g MgCO s SiO s    (26) 
        2 2 5 4 2 3 2 2( ) 3  3 2 2 ( / )Mg Si O OH s CO g MgCO s SiO s H O l g     (27) 
Since water improves the reaction rate for natural rock weathering, a process developed 
on the basis of this principle is the carbonic acid route, in which CO2 reacts at high 
pressure in an aqueous suspension of olivine or serpentine [159, 161]. First, CO2 
dissolves in the water and dissociates to bicarbonate and H
+
, which results in a pH of 
about 5.0 to 5.5 at high CO2 pressure: 
    2 2 2 3 3( ) ( ) ( )CO g H O l H CO aq H aq HCO aq
      (28) 
Then Mg
2+
 is generated from the mineral matrix after Mg2SiO4 reacts with H
+
. 
      22 4 2 22 2 ( )Mg SiO s H aq Mg SiO s H O l
      (29) 
Finally, Mg
2+
 reacts with bicarbonate and precipitates as magnesium carbonate 
(magnesite): 
 2 3 3( ) ( ) ( ) ( )Mg aq HCO aq MgCO s H aq
      (30) 
 
 Indirect carbonation-, an additional process can be employed in order to improve the 
reaction rate. The reactive compound is extracted from the material matrix, leading to the 
easy formation of carbonates. The indirect processes involve the extraction of magnesium 
or calcium with hydrochloric acid and acetic acid, but the application of HCl limits the 





Figure 33. Process diagram of the indirect carbonation using serpentine [162]. 
To extract magnesium from serpentine, hydrochloric acid (HCl) can be used (Figure 
33) [153, 163]. In the first step, the magnesium is extracted from the serpentine matrix 
with the addition of HCl which leads to an acid solution in which the magnesium 
dissolves as MgCl2·6H2O. 
        2 2 5 4 2 2 2 2( ) 6 ( ) O 3 6 2Mg Si O OH s HCl l H g MgCl H O aq SiO s      (31) 
In the second step, HCl is recovered through heating the solution from 100°C to 250°C. 
MgCl2·6H2O firstly dissociates water, producing MgCl2·H2O. Finally, it reforms to 
MgCl(OH) with the release of HCl and water into the solution. Overall, this step is 
described as: 
    2 2 26 ( )( ) ( ) 5MgCL H O aq MgCl OH l HCl l H O l     (32) 
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In addition, MgCl(OH) converts to magnesium hydroxide (Mg(OH)2) during the water 
cycle. 
    2 22 ( ) ( ) /MgCl l Mg OH s MgCl l s   (33) 
Lastly, the reaction between Mg(OH)2 and CO2 produces carbonate: 
    2 2 3 2( ) ( ) ( ) /Mg OH s CO g MgCO s H O l g    (34) 
Compared to the HCl extraction processes, the acetic acid extraction methods provide 
lower energy consumption and use a less severe extraction medium. To extract calcium 
ions from wollastonite (CaSiO3), acetic acid can be employed [164]. The process consists 
of two steps. First, CaSiO3 is treated with acetic acid as follows: 
 23 3 3 2 2( ) 2 ( ) ( ) ( ) ( ) ( )CaSiO s CH COOH l Ca aq CH COO aq H O l SiO s
       (35) 
Then limestone (CaCO3) is produced, and the acetic acid is recovered in a combined step: 
 
 




   2 ( ) ( ) ( )
2
Ca aq CH COO aq CO g H O l
CaCO s CH COOH l
   
 
 (36) 
This process can accelerate the carbonation process by extracting reactive compounds 
from the adsorbent matrix without using hydrochloric acid. This alleviates the acid 
recovery issue, caused by the undesirable side-reaction during the carbonation step.  
3) Final products 
Carbonated products can be disposed for reclamation in mine regions or re-used for 




Figure 34. Olivine deposit for mine reclamation in Twin Sisters, WA [154]. 
 
Olivine and wollastonite are the best candidates for the implication of the mineral 
carbonation in an industrial process, but current mineral resource estimates indicate that only 
olivine could meet regional demands. The broadest occurrence and abundance of serpentine 
can make it the most widely available potential materials. However, current processes cannot 
activate serpentine as a reactive matrix without a heat-treatment step. Thus, many research 
activities have been initiated to discover reaction process pathways that can enhance the 
reaction rates.   
 
2.5 The Cost of CO2 Capture and Storage 
2.5.1 General cost of CCS 
Total cost of CCS mainly includes the spending on three different components: CO2 
capture with compression at a power plant, transport and storage of captured CO2 as shown 
in Table 11. CCS costs of different power plants vary significantly due to the difference in 
their operation conditions. In general, the range of the total cost of capturing 1 ton CO2 in a 
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power plant is $21.5 to $115.0. The CO2 capture process with compression accounts for 80% 
to 90% of the total cost while transport and storage steps account for 10% to 20%.  
TABLE 11. Estimated costs of CO2 capture, transport, and geological storage (2007 US$/t 
CO2). IPCC(2005) data adjusted to 2007 cost basis [165] 
CCS System component Cost range ($) 
Capture: Fossil fuel power plant $20-95/t CO2 net captured 
Capture: Hydrogen and ammonia 
production or gas-processing plant 
$5-7-/t CO2 net captured 
Capture: other industrial sources $30-145/t CO2 net captured 
Transport: pipeline $1-10/t CO2 net transported 





Figure 35. Cost of electricity generation (2007 US$/Mwh) as a function of the CO2 emission 
rate (t CO2/Mwh) for new power plants burning bituminous coal or natural gas (PC = 
subcritical pulverized coal units; SCPC = supercritical pulverized coal; IGCC = integrated 
gasification combined cycle; NGCC = natural gas combined cycle). Ranges display 
differences in technical and economic parameters affecting the cost of plant[166]. 
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The cost of generating electricity with and without a CCS system depends on the type 
of power plant (Figure 35). The total electricity cost ($/MWh) is represented as a function of 
the CO2 emission rate (t CO2/MWh) for power generation using bituminous coal or natural 
gas in a wide range of cost values. The expected cost of operating plants with or without CCS 
is highly uncertain, but CCS increases the cost of generating electricity by approximately 
60% to 80% at new coal combustion plants and by about 30% to 50% at new coal 
gasification plants. Consequently, the cost of generating electricity increases to 
approximately $40 to $70/MWh for PC plants and $30 to $50/MWh for IGCC plants using 
bituminous coal. These high costs result from 1) additional energy requirements for the 
capture and compression of CO2, 2) additional capital costs resulting from the addition of 
fuel requirements of a plant with CCS by about 25% for a coal-fired plant and about 15% for 
a gas-fired plant, and 3) storage and other supplementary system costs of 30% to 60%, 
depending on the different environments [167].  
As mentioned at the beginning of this thesis, captured carbon can be stored by being 
forced underground at great pressure. One advantage of storing carbon underground in this 
way is that it can be used to help energy companies in the extraction of oil from oil fields 
using the enhanced oil recovery system (EOR). EOR is used for petroleum industry to extract 
extra oil from oil fields and those storages could generate additional net benefits of $10 to 
$16 per ton of injected CO2 (based on 2003 oil prices), which could compensate for the 
expensive cost of the capture process in conventional power plants [167]. If cost-effective 
CCS technologies are developed and applied to currently available power plants, the 




2.5.2 Mineral carbonation: energy penalties and costs 
Enough mineral feedstock deposits are available in some regions of the country 
within a 100- or 200-mile radius of point CO2 sources such as coal-fired power plants to 
install an ex-situ plant. For an in-site plant, flue gas mixture is transported to plant through 
pipe [31]. However, energy costs are high because the reaction rate of carbonation is slow, 
leading to the requirement of additional pretreatment processes such as mining, crushing and 
milling, and thermal treatment for mineral activation to accelerate the carbonation rate. The 
energy requirements for pretreatment might be 30% to 50% of the capture components. The 
processes of capturing carbon, in turn, increase energy consumption and operating costs for 
the energy generators. Generally, the cost of mineral sequestration, including capture and 
storage, is $50 to $70 per ton of CO2 sequestered when laboratory processes are scaled up 
[19]. 
 






















































Table 12 shows the total energy consumption of mineral pre-treatment steps, the 
extent of reaction in one hour achieved with feed preparation, the amount of mineral required 
for 100% CO2 sequestration from  a 1.3GW coal-fired power plant, and the parasitic energy 
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loss [157]. The daily mineral requirement decreases and carbonation reactivity improves with 
an increase in additional pretreatments, but the energy demand dramatically increases, 
resulting in net energy losses. For instance, 15% of the total plant energy is required for the 
formation of < 200-mesh olivine and results in 16% extent of carbonation in one hour 
whereas ultra-fine grinding improves reaction efficiency to 81%, but increases the parasitic 
energy loss to 55%, indicating that the energy loss negates the savings that result from the 
improved reaction efficiency. For serpentine minerals, energy loss surpassing 100% means 
that more CO2 is emitted by the pretreatment operation than is sequestered because of the 
thermal-activation operations. The high energy consumption of serpentine carbonation leads 
to a negative effect on the cost management of CCS. A CCS system with mineral carbonation 
requires 60% to 180% more energy input/kW-hr than that with other separation methods 
[168].  
 
TABLE 13. The required quantities of minerals for CO2 sequestration 
Potential Mineral for 
carbonation 
Ton required to 




Wollastonite (CaSiO3) 2.6 
Olivine (Mg2SiO4) 1.6 
Serpentine (Mg3Si2O5(OH)4) 2.1 
Anorthite (CaAl2Si2O8) 6.3 
*




For suitable mineral carbonation, the wet carbonation of natural olivine is suggested 
since only a small amount of olivine is required per ton of CO2 stored and its reaction rate 
95 
 
becomes faster than the dry carbonation (Table 13). The mineralization process, however, 
practically requires 5.8 tons to 23 tons of olivine per ton of CO2 to be mined and forms 6.8 
tons to 24 tons of carbonates to be disposed of per ton of CO2 sequestrated due to partial 
carbonation [35]. The anticipated cost of this process is roughly $50/t CO2 to $100/t CO2 net 
sequestered, but the cost can fall to $30 per ton of CO2 sequestered when the pre-treatment 
process and the dewatering problem are avoided and the carbonation rate increases to capture 
more CO2 within a limited time [19].  
 
2.6 Summary of CO2 Adsorption and Capture Development Strategies 
High attention has been paid to the reduction of anthropogenic CO2 emissions from 
large point sources in the world. Among various separation technologies for the flue gases of 
coal-fired power plants, which include absorption, adsorption, membrane separation, 
cryogenic distillation, and chemical-looping, adsorption using solid sorbents is one of the 
most promising processes. This literature review discussed the various adsorption 
technologies for carbon dioxide capture using PSA, VSA, and TSA on several solid sorbents. 
Due to the interaction between the sorbents and the CO2 gas species, CO2 molecules are 
bound on the surface of the sorbents. In general, CO2 adsorption processes with various 
adsorbents show highly stable and cyclic capture capacities and low energy consumption for 
regeneration in comparison with aqueous systems. Adsorption kinetics depend on 
temperature, pressure, interaction energy between the sorbent and the CO2, and the pore size 
or the surface area of the adsorbents, supporting the fact that multi-parameters affects capture 
capacity, operation cost, and process efficiency. 
The major issues with the adsorption processes include limited CO2 selectivity in 
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separating CO2 from actual flue gases and low adsorption rates. In order to overcome these 
issues, current research efforts are focused on developing solid sorbents with fast sorption 
kinetics, high selectivity, high capture capacity, high recycle stability, and targeting realistic 
applications. Further adsorbent research is needed to: (1) understand the mechanism of CO2 
adsorption on the various solid adsorbents, (2) improve the kinetics of adsorption and 
desorption of CO2 over different sorbents, and (3) modify sorbents to optimize their 
performance [68]. In addition, adsorption technologies can be improved by process 
modifications such as: (1) combined temperature and pressure swing adsorption (TPSA), 
pressure swing adsorption using temperature swing system to improve recovery, (2) 
fractionated vacuum-pressure swing adsorption (FVPSA), a dual-bed process which 
simultaneously produces a 98% nitrogen-enriched gas and an 80% to 90% oxygen-enriched 
gas from ambient air to improve the CO2 purity as well as the N2 purity [15], (3) combined 
temperature and vacuum swing adsorption (TVSA), (4) insertion of more steps in the PSA 
and VSA processes, and (5) addition of multi-columns for adsorption and desorption process. 
Finally, the cost effective scalability to megaton CO2 capture fluxes is critical to enable CCS 
and transition it from bench top to a power plant scale (e.g., German power plant pilot study). 
In summary, the progresses in the adsorption technology, which were reviewed, 
suggest it can be a competitive approach for CO2 separation from gas streams based on both 
economic aspects and technical performance. 
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CHAPTER 3  
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Chapter 3 presents the results of pure Mg2SiO4 carbonation to determine the reaction 
properties and to evaluate a reaction kinetics model. Based on changes in the CO2 
concentration with sorption time, kinetic parameters of the reaction of pure Mg2SiO4 are 
obtained. 
Mg-rich minerals are promising materials to carbonate CO2 due to the advantages of 
the corresponding CO2 capture technologies, including the low-prices and wide availabilities 
of the minerals and stabilities of CO2 carbonation products, carbonates. The kinetic models 
of the reactions between the Mg-rich minerals and CO2 within simulated environment are 
important to the scale-up designs and thus the commercialization of the technologies. 
Unfortunately, these models have not been available so far. This research was initiated to fill 
the gap.  Magnesium silicate Mg2SiO4, a representative compound in Mg-rich minerals, was 
used for study of the CO2 carbonation reaction kinetics under given simulated flue gas 
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conditions. It was found that the CO2 interaction with water on the surface of the sorbent is 
the rate controlling step of the CO2 capture process. The calculated reaction order with 
respect to CO2 in the reaction between CO2 and Mg2SiO4 is 1.1±0.2. The apparent activation 




C is 76.2 ±4.8 kJ/mol.  
 
3.1 Introduction 
Emissions of carbon dioxide (CO2) have been increasing about 3.3% per year since 
2000, and the CO2 concentration in the Earth’s atmosphere since 2000 has grown 35% faster 
than in the 1990s [3]. About 40% of the total CO2 emissions in the U.S. are from power 
plants that use fossil fuels, especially coal, as the major energy sources. Thus, much effort 
has been made in developing advanced technologies for CO2 capture and sequestration from 
the flue gas stream of power plants.  
Among various technologies to separate CO2, adsorption appears to be the most 
promising one because it can lead to lower energy demands for its regeneration with low 
costs and high capture efficiencies if the sorbent has a high CO2 selectivity and high CO2 
adsorption capacity [3]. Consequently, the development of economical and effective sorbents 
is desirable. Solid sorbents are a better choice than liquid ones because they are easy to 
handle, have low deployment costs, and cause negligible corrosion problems. Further, if they 
are reusable, they may have low environmental impacts [11, 12].  
Flue gases from power plants typically contain 8−12% (vol) of CO2 and 8−10%  
steam (H2O). Due to the tendency of H2O molecules to be combined preferentially to CO2 
molecules, many sorbents lose their CO2 adsorption capacity in the presence of steam [69]. 
As a result, few studies have been performed to investigate CO2 separation in the existence of 
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typical flue gas stream concentrations. In fact, sorbents with high adsorption capacity for 
CO2 in the presence of steam are highly desirable for practical applications of CO2 capture.  
Magnesium-rich minerals have become promising candidates for CO2 sequestration 
because of their low cost as well as their high tendency to react with CO2 [18, 19, 153]. 
Compared to other CO2 removal processes, this option minimizes the risk of leakage because 
the carbonates formed are stable, thereby providing permanent CO2 sequestration. Moreover, 
solid products from the carbonation process can be used for mine reclamation or soil 
amendments [18]. However, the natural mineral carbonation process is inherently slow as it 
takes more than thousands of years for meaningful conversion, even though the reaction is 
thermodynamically favorable [18-20]. Identification of potentially attractive reaction 
approaches and evaluation of the reaction rates of the minerals for the development of highly 
energy efficient processes are required to expand the commercial application of these 
sorbents. To evaluate such mineral carbonation here, pure magnesium silicate (Mg2SiO4) 
mineralization is selected because it is the major component of various abundant minerals, 
such as olivine and serpentine, which have been considered for large scale applications of 
CO2 mineralization. The overall reaction of Mg2SiO4 with CO2 to form MgCO3 in the 
presence of steam is expressed as: 
 
2H O1 1
2 22 4 2 3 2Mg SiO   CO MgCO   SiO   (37) 
For typical temperature swing adsorption (TSA) processes, an adsorption process occurs at a 
lower temperature than its corresponding desorption does. In order to reduce the energy 
requirement, isothermal desorption, i.e., desorption happening at the same temperature as the 
adsorption process, can be adopted. 
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In this study, the adsorption capability of Mg2SiO4 with CO2 in the presence of steam 
was investigated by varying the temperature. A similar composition of flue gas from fossil-
fuel power plants was used for adsorption process. After adsorption, Mg2SiO4 was 
regenerated by purging 100 % nitrogen purge via isotherm desorption. Based on the 
experimental data, kinetic parameters, including the reaction order and the activation energy 
for Mg2SiO4 carbonation, were derived.      
3.2 Experimental methods 
3.2.1 Materials 
 The sample of Mg2SiO4 was supplied by Alfa Aesar and employed without further 
treatment. Mg2SiO4 is in the form of white powder with 99% purity, a median particle size of 
3.5 μm, and a bulk density of 3.21 g/cm
3
. The X-ray diffraction (XRD) patterns were 
analyzed for measuring the carbonated sorbent sample with the Philips X’PERT powder 
model using Cu Kα radiation, performing scans in the 2 range from 5° to 95° with 0.02°/s. 
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3.2.2 Experimental apparatus 
 
Figure 36. Schematic diagram of experimental apparatus for CO2 adsorption. 
 




Figure 38. Picture of olivine adsorbent inside quartz wool tube. 
Figure 36 and Figure 37 show the schematic diagram and the actual apparatus of the 
experimental set-up, respectively. The experimental setup for CO2 capture consists of three 
parts: a gas simulation unit, a CO2 sorption unit, and a CO2 analysis unit. Gas cylinders 
containing pure N2 and a mixture of 4.1 mmol/dm
3
 CO2 with N2 were used. Flow rates of the 
feed gases were manually controlled with Matheson Tri-gas FM-1050 flow meters. An 
additional flow meter was used to check the inlet gas flow into the gas analyzer.  
Adsorption of CO2 with Mg2SiO4 was carried out in a quartz tubular reactor with a 
length of 610 mm and an inside diameter of 9 mm (Figure 38). The fixed bed is formed by 
placing the sorbent particles between small amounts of quartz wool serving as the bed holder. 
The quartz reactor was placed inside a TF55030A-1 tube furnace (manufactured by Thermo 
Corporation, Asheville, NC) with a UT150 temperature controller (Yokogawa M&C 
Corporation, Newnan, GA) to control the CO2 sorption temperature. The CO2 sorption unit 
was connected with a steam generation unit to introduce steam into the dry inlet gas stream. 
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Thermo-tape was used to avoid steam condensation in the gas-carrying line, and temperature 
controllers were employed to control the temperature of gas stream flowing through the 
copper gas lines. Outlet gas from the reactor passed through a steam removal unit before 
entering the CO2 analyzer where the CO2 concentration was measured. CO2 concentrations in 
the simulated flue gas stream were monitored before and after sorption using the ZRE 
analyzer (California Analytical Instruments, Inc.). The gas analyzer was directly connected to 
a data acquisition system recording the continuous changes in CO2 concentration every one 
second.  
 
3.2.3 Operating procedures 
The CO2 adsorption capacity of Mg2SiO4 was determined by measuring the 
concentration of CO2 before and after adsorption. Each test run was conducted with fresh 
Mg2SiO4. First, the tubular reactor loaded with 0.50 g of Mg2SiO4 was preheated for 10 min 
to ensure constant operation conditions at the desired reaction temperature. The tubular 
reactor was connected to the gas supply unit and to the gas analyzer. At the same time, the 
data acquisition unit was turned on. The composition of the effluent gas from the steam 
removal unit was measured immediately by the gas analyzer. When the CO2 concentration in 
the effluent gas stream was within 1% of the initial inlet stream indicated by the gas analyzer, 
indicating that the sorbent was nearly saturated with CO2, the flow of CO2 gas stream into the 
reactor was stopped. For the regeneration process, the inlet CO2 gas stream was stopped, and 
pure N2 was passed through the system. The aforementioned procedure was repeated five 
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times with fresh samples at one set temperature, and an average value of the data was used to 
estimate the carbonation breakthrough profile.  
 
3.3 Results and discussion 
3.3.1 Determination of the temperature range for kinetic study 
Our thermodynamic calculations have shown that the Gibbs free energy changes of eq. 







C, respectively, indicating that the Mg2SiO4 based CO2 mineralization should occur 
in the given temperature range, which is supported by the results (Figure 39). CO2 adsorption 
occurred on the surface of Mg2SiO4 at 200
o
C as demonstrated by the peaks of carbonation 
products (MgCO3 and SiO2) of Eq. 37 (Figure 39), which is consistent with the observation 
of other researchers [153, 168, 169]. 
 
Figure 39. XRD patterns of the Mg2SiO4 carbonation products. 
105 
 
The increase in the Gibbs free energy changes of Eq. 37 with temperature signifies that 
higher temperatures could have considerable negative effect on the adsorption of CO2 on 
Mg2SiO4. Therefore, an appropriate temperature range should be chosen for study of the 
reaction kinetics of Eq. 37. In the chosen temperature range, Mg2SiO4 should have both good 
CO2 sorption capacities and acceptably fast CO2 sorption rates. Our preliminary tests showed 





even though the sorbent could achieve reasonably large CO2 sorption capacities during very 
long sorption periods. In other words, the sorbent can reach high CO2 sorption capacity under 
certain conditions given that a long sorption time is allowed. However, the reality in coal-
fired power plants is that the volume of the emitted CO2-containing flue gas is so large that 
slow sorption leads to the need for construction of very bulky adsorber units to considerably 
extend the contact between Mg2SiO4 and CO2 to achieve high CO2 capture efficiencies. Such 
a construction is very expensive, which should be avoided. Furthermore, it should be 
mentioned that a good sorbent should not only have a high total sorption capacity but also a 
high breakthrough capacity. The high break-through capacity of a given sorbent is 
determined by its inherent characteristics such as molecular structure, pore structure, surface 
defect or active site and BET (Brunauer, Emmett and Teller) surface area, and sorption 
operation conditions.  
Temperature is expected to be one of the more important operational factors affecting the 
break-through capacity of Mg2SiO4 since it is directly related to the reaction kinetics of eq. 
37. The total and breakthrough CO2 sorption capacities of Mg2SiO4 at 150°C, 175°C, and 
200°C (Figure 40) show that Mg2SiO4 has good CO2 sorption performance at the three 




Figure 40.  Total and 90 % breakthrough CO2 capture capacities as a function of temperature. 
Total capacity is denoted the CO2 capture capacity until the CO2 concentration reaches the 
initial inlet CO2 concentration. 90% breakthrough capture capacity is denoted the CO2 
capture capacity when the CO2 concentration reaches 90% removal. Uncertainty results from 
5 time multiple tests. 
 
Total sorption capacity of Mg2SiO4 decreases with an increase in temperature. However, 
the breakthrough capacity does not change considerably with temperature. Our tests found 
that the breakthrough sorption capacity achieved at 150°C when the CO2 separation 
efficiencies were close to 100% is lower than that at 200°C. The ratio of breakthrough 
sorption capacity to total sorption capacity increased with the increase of the sorption 
temperature under the given experimental conditions (Figure 40), higher than those of most 
of the reported sorbents [8, 14, 15, 46, 51, 57, 70, 71, 77, 83, 93, 111].  The performance of 
Mg2SiO4 in the temperature range of 150°C to 200
o
C, suggests that the sorbent could react 
with CO2 reasonably fast and should have considerable CO2 sorption capacities. Therefore, 
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the temperature range of 100°C to 200°C was chosen to study the kinetics of the reaction 
between Mg2SiO4 and CO2.   
 
3.3.2 Multiple carbonation– regeneration cycles 
Figure 41 depicts results of another set of tests to evaluate the regeneration capacities 
of Mg2SiO4 adsorbent after 10 carbonation and regeneration cycles using the same sorbent.  
 
Figure 41. Cyclic CO2 adsorption processes at different temperatures. (CO2 concentration, 
4.1mmol/dm
3
; H2O concentration, 4.1mmol/dm
3
). Error bars result from 5 times multiple 
tests. 
The focus is on evaluating the multi-cycle behavior of CO2 adsorption on magnesium 
silicate, in particular the partial CO2 regeneration at constant temperature. Initially, the 
capture capacities decrease abruptly with the increase in the number of cycles and tend to 
flatten out after five cycles at 1/3 of the total capacity. Also, the higher the temperature 
increases, the lower the capture capacities. This multi-cycle behavior could be due to an 
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increase in the formation of (possibly bidentate) stable surface carbonates which decreases 
the formation of (monodentate) molecularly adsorbed CO2. As the number of cycle increases, 
the products during carbonation overlap moderately through filling and pluggage of the 
micropores. The slight change of reduction in CO2 capture capacities suggests that the 
carbonation process has been mostly completed and physical CO2 adsorption at the surface 
may be dominant after 5 cycles. 
3.3.3 Sorption kinetics 
1) Rate equation determination 
The CO2 adsorbed in the small time interval ∆t, 
2CO
F , can be calculated as follows 
 
2 2 2 2, ,
( )CO CO t CO t t COF C C C       (38) 
where tCOC ,2 and ttCOC ,2  represent the mole concentrations of the reactant CO2 in the 
simulated flue gas at the times t and ∆t during a sorption process at a given temperature, and 
v  is the volumetric flow rate (L/s) of the simulated flue gas.  The consumption rate of CO2, -
2CO
r  [mole/(g-Mg2SiO4ffls)],  can be defined as 
 
2 2 2 4 2 2 4
/ ( ) /CO CO Mg SiO CO Mg SiOr F w C w     (39) 
where 
2 4Mg SiO
w is the mass of Mg2SiO4 loaded into the tubular reactor during each sorption 
operation. The reaction rate of CO2, -
2CO




CO COr kC   (40) 
where k is the apparent reaction rate constant of Eq. 37 at a given temperature and 
2CO
n is the 
apparent reaction order with respect to CO2. It should be mentioned that 
2CO
n may not be an 
109 
 
integer since Eq. 37 may not be an elementary reaction. Combining Eq. 39 with Eq. 40 leads 
to                                      
 2
2 2 2 4 2
( ) / CO
n
CO CO Mg SiO COr C w kC      (41) 
or 
 
2 2 2 4 2 2CO
ln( ) ln[ ( ) / ] ln   n lnCO CO Mg SiO COr C w k C       (42) 
Eq. 42 shows that  )ln(
2CO
r  or ]/)(ln[
422 SiOMgCO
wC  should be linearly related to 
2
ln COC .  
The apparent reaction order, 
2CO
n , and the apparent rate constant, k, at a given temperature 




ln~ COC since 2COn and kln  are the slope and intercept 
of the plot according to Eq. 42.    
 
Figure 42. CO2 carbonation and regeneration profiles in the presence of (4.1 mmol/dm
3
) 
steam as a function of temperature (CO2 concentration=4.1 mmol/dm
3
; flow rate, 0.5 L/min; 
weight of magnesium silicate, 0.5g).  Blank testing is performed without sorbent at 200°C. 
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not vary either so the reaction order can be obtained with the sorption data collected at any 
temperature within the range. We chose to use the sorption profile obtained at 200
o
C as 
shown in Figure 42 to derive 
2CO




ln~ COC  plot (Figure 43) 
finds a linear relationship with a slope of 1.1±0.2, indicating that the apparent reaction order 
with respect to CO2, 
2CO
n , is 1.1 and is within experimental uncertainty of one. Thus, the 
reaction mechanism associated with Mg2SiO4 based carbonation process appears first order, 
as further supported as discussed below.  
 
Figure 43. Determination of the reaction order at 200°C for Mg2SiO4 carbonation with CO2 
in the presence of steam. Uncertainty results from 5 time multiple tests. 
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Assuming Eq. 37 proceeds through the following elementary steps in the presence of 
water during the CO2 sorption process,  
 2
2 2 32  CO H O H CO
     (43) 
 1 12 22 4 2 22Mg SiO H Mg H O SiO
      (44) 
 2 2
3 3Mg CO MgCO
    (45) 
according to rate law the consumption rate of CO2 can be expressed as    
 2
2 2 2 3
2
2, 2,CO R forward CO H O R reverse H CO
r k C C k C C     (46) 
where forwardRk ,2 and reverseRk ,2 represent the forward and reverse reaction rate constants of 
Eq. 37, respectively, 
2CO
C , OHC 2 HC  and 23CO





 on the surface of Mg2SiO4. OHC 2  can be treated as a constant since H2O is 
actually neither consumed nor generated when both Eq. 43 and Eq. 44 are considered.  H2O 
is just a H
+ 




2, 2,CO R forward CO R reverse H CO
r k C k C C     (47) 
where OHforwardRforwardR Ckk 2,2
'
,2  . Furthermore, both HC and 23CO
C should be very low for 
two reasons. The first one is that the forward reaction rate of Eq. 43 is very slow since CO2 
has low solubility in water in the tested temperature range, resulting from the exothermal 
characteristics of the reaction, particularly at 200
o
C, a relatively high temperature for 
sorption. Secondly, Eq. 44 and Eq. 45 are much quicker than the forward reaction of Eq.43. 
Thus HC and 23CO
C  can be considered to be very small, and their product as negligible so 






2,CO R forward COr k C   (48) 
which is very similar to Eq. 48. In other words, the reaction orders with respect to CO2, 
2CO
n , 
derived with postulated reaction mechanism and obtained with experimental results, are 
consistent. Two conclusions can be inferred from the consistence. The first one is that the 
proposed CO2 carbonation mechanism described in Eq.43-45 reflects the reaction reality of 
Eq. 37. Secondly, Eq. 43 is the rate controlling reaction in the overall Mg2SiO4 based CO2 
sorption process. 
 
2) Arrhenius form 
It is well known that the relationship between the reaction rate constant (k) and reaction 
temperature (T) can be correlated using the Arrhenius form 
 
/aE RTk Ae  (49) 
where A is the preexponential factor which is treated as a constant in the studied temperature 
range as many people do during their kinetic studies even though it is actually affected by 
temperature, Ea is the apparent activation energy of the Mg2SiO4 based carbonation process 
as shown in Eq. 37, and R is the ideal gas constant. The pre-exponential factor would also be 
impacted by reactor conditions (e.g., geometry, loading), and these were kept constant 










C were obtained 
using the corresponding CO2 sorption profiles and plotted (Figure 44). Regression found a 











respectively. Thus, the Arrhenius form of CO2 carbonation with Mg2SiO4 within H2O 





9 0.1 0.3 1 11.35 10 0.18e ( ( ) )Tk mol dm s g sorbent

       (50) 
Reaction order and activation energy of Eq. 37 should not be affected by the flow rate of 
the simulated flue gas mixture under the given sorption operation conditions, and this was 
verified by conducting CO2 sorption tests with the same initial CO2 concentration but gas 
flow rates of 0.25 and 1.0 L/min. The derived values of the reaction order and activation 
energy values of Eq. 37 for the three flow rates (0.25 L/min, 0.5 L/min, and 1.0 L/min) were 
consistent (Table 14). 
 
Figure 44. Determination of the apparent activation energy, Ea for Mg2SiO4 carbonation with 
CO2 in the presence of steam (CO2 concentration, 4.1mmol/dm
3
; H2O concentration, 
4.1mmol/dm
3
; Experimental temperature of 100-200°C with 25°C interval). Uncertainty 




TABLE 14. Reaction order and activation energy of the carbonation in the presence of steam 










0.25 1.1 ± 0.3  76.5 ± 3.7  
0.5 1.1 ± 0.2  76.2 ± 4.8 
1 1.2 ± 0.1   77.2 ± 5.4 
 
The Mg2SiO4 carbonation reaction was carried out as a laboratory scale demonstration 
for the CO2 sequestration directly out of exhaust streams, without need for previous CO2 
separation and/or pressurization. For exhaust streams or flue gases containing steam, 
magnesium silicate can also be used temperatures up to 200°C. Steam was found to enhance 
that amount of CO2 removed from the gas stream significantly. The empirical kinetic model 
developed in this work provides relevant information for the feasible application of CO2 
sequestration by stable carbonates on the olivine surface. 
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To evaluate the feasible application of natural olivine for CO2 sequestration, chapter 4 
describes natural olivine mineralization in the presence/absence of water vapor under 
variable conditions of temperature, concentration, and residence time. This chapter also 
evaluates thermodynamic parameters of olivine carbonation and the role of water vapor. 
The adsorptive surface carbonation of olivine, which is the most abundant mineral 
occurring naturally in the upper mantle, in the presence of water vapor was investigated to 
determine their potential for CO2 sequestration. Based on the thermodynamics for a basis of 
the reaction mechanism, the olivine carbonation reaction is thermodynamically favorable. 
Water vapor functions in an important role to improve the carbonation rate and capture 
capacities. Experimental results reveal that carbon dioxide can bind to the surface of olivine 
minerals, consisting of various compounds to form stable surface carbonates. High stable 
capture capacities of CO2 were determined by observing CO2 adsorption activity in the 
                                                 
*




presence/absence of water vapor at different temperatures in a flow reactor packed with 
olivine adsorbent. Moreover, carbonation reactions at different reactant concentrations and 
residence times were carried out to establish the reaction activity of the sorbent. 
 
4.1 Introduction  
The rapid growth in the demands of industrial energy has led to the accumulation of 
carbon dioxide, the primary factor responsible for global climate change. The International 
Panel on Climate Change (IPCC) report (2005) also stated that CO2 concentration in the 
Earth’s atmosphere has increased from 280 ppmv before industry development to 380 ppmv 
in 2005, and it is expected to rise to 590 ppmv by 2100. Since about 40% of the total CO2 
emissions in the U.S. are released from power stations employing fossil fuel energy sources, 
many studies have focused on the promotion of highly efficient CO2 capture or storage 
technologies from the flue gas stream of coal-fired power plants [32].  
Among the various CO2 separation processes, the adsorption process is considered the 
most promising, requiring low management costs with low energy consumption because of 
its deployment and high capture efficiency particularly when the sorbent involves high CO2 
selectivity and high CO2 adsorption capacity compared to conventional chemical sorption 
with high energy demands and limited CO2 loadings [3, 10, 37, 38]. Instead of liquid 
sorbents, solid adsorbents are relatively easy to handle and mitigate corrosion problems [11, 
12]. In addition, due to their reusable property, they are environmentally benign. Therefore, 
the development and application of cost-effective solid sorbents is desirable. 
As a potential CO2 sequestration process, mineralization (the process of chemical 
weathering by alkaine-earth minerals to form stable carbonates that exist in great quantities 
117 
 
in the Earth’s crust) can be adopted. Olivine [(Mg, Fe)2SiO4] is a feasible candidate for 
mineral feedstock carbonation due to its high reactivity to CO2, its simple structure, its low 
supplying cost ($4~$5/ton) from mined and milled feedstock, and its environmentally-
friendly chemical reaction [18, 19, 153]. In addition, solid byproducts contribute 
environmentally-friendly benefits of mine reclamation or soil amendments [18]. The reaction 
of olivine with CO2 in the existence of water vapor is shown in Eq. 47: 
2H O1 1
2 22 4 2 3 2Mg SiO   CO MgCO   SiO 
                                      
(51) 
Due to its inherently slow reaction in nature despite its exothermic and 
thermodynamically favorable properties, mineral carbonation may not be a practical system 
[18-20]. Therefore, to accelerate the carbonation rate, many pretreatment processes such as 
magnetic separation, heat treatment, various acid treatments, and HCl extraction have been 
developed. However, these methods are all energy intensive, resulting in increased energy 
penalty to the electricity output of a power plant of about 20% [18, 19]. Thus, the 
development of an efficient process that would allow the commercial application of these 
sorbents requires a significant increase in the reaction rate and the low energy demand of the 
natural mineral carbonation process.  
To improve the reaction rate, water vapor was added to the gas mixture. Flue gas 
streams from power generation facilities generally contain 8−12% vol of CO2 and 8−10% vol 
of water vapor and minor impurities such as SOx and NOx. The gas mixtures are pre-treated 
with a wash tower, but up to 5% vol of saturated water vapor still remains at ambient 
conditions [7, 8]. The high tendency of H2O instead of CO2 molecules to be adsorbed results 
in many sorbents, and the CO2 capture capacity of the sorbents in the presence of water vapor 
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is less than that in the absence of water vapor; few studies in which CO2 is separated with 
realistic concentrations of water vapor in flue gas have been conducted [69]. However, this 
carbonation process was in fact aided by water, which plays a significant role in increasing 
the reaction rate of carbonation. 
For assessing its applicability for use in an the economically competitive regeneration 
carbonation process, isothermal desorption, performed at the same temperature as the 
adsorption process, was carried out. Using the same temperature for adsorption and 
desorption reduces the energy requirement unlike general temperature swing adsorption 
(TSA), adsorption at a lower temperature and desorption at a high temperature, requiring 
high energy.  
In this study, the mineralization of olivine for CO2 sequestration in the presence of 
water vapor was performed by varying temperatures, initial concentrations, and residence 
times under real compositions of flue gas from power plants. The thermodynamics for CO2 
adsorption on the olivine sorbent were also evaluated.  
 
4.2 Experimental section 
4.2.1 Materials 
The olivine sample, supplied by Unimin Corporation (New Canaan, CT) and used 
without additional treatment, was composed of 92% forsterite (Mg2SiO4) and 8% fayalite 
(Fe2SiO4). The sorbent samples were characterized by structural, morphological, and 
analytical methods such as a BET surface area, a scanning electron microscope (SEM) with 
energy-dispersive X-ray spectroscopy (EDS), and X-ray diffraction (XRD). The BET surface 
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areas, pore volumes, and olivine sample sizes were measured before and after mineral 
carbonation with a Micromeritics ASAP 2020 analyzer. The particle size and morphology of 
the olivine samples were analyzed in a Hitachi SEM before and after a reaction. XRD 
patterns, which were performed with a D8 X-ray diffractometer (Bruker-AXS), provided 
scans in the 2 range from 0° to 90° with 0.005°/s before and after contact with carbon 
dioxide. 
4.2.2 Experimental apparatus  
The experimental setup of the mineral carbonation for CO2 sequestration was made up 
of three parts: a gas simulation unit, a CO2 sorption system, and equipment for CO2 analysis 
in the gas stream (Figure 36). The N2 in gas cylinder 1 was used for system cleaning and 
isotherm desorption. A gas mixture consisting of CO2 balanced with N2 was drawn from 
cylinder 2. Both gas streams were mixed to make the desired concentration of the gas stream. 
Flow rates of the inlet gases were controlled by Matheson Tri-gas FM-1050 flow meters. An 
additional flow meter indicated the flow condition of the inlet gas into the gas analyzer. 
Olivine carbonation was performed in a quartz tubular reactor with a length of 610 mm 
and an inside diameter of 9 mm. The fixed bed was prepared by loading the adsorbent 
between small amounts of quartz wool that functions as the bed holder. The loaded reactor 
was placed inside a TF55030A-1 tube furnace (manufactured by Thermo Corporation, 
Asheville, NC) with a UT150 temperature controller (Yokogawa M&C Corporation, Newnan, 
GA) to manage the experiment temperature. A water vapor generation unit was designed to 
supply water vapor to the inlet mixed gas stream. Thermo-tapes were installed to prevent the 
condensation of water vapor inside the gas tubing with temperature controllers. 
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An effluent gas stream from the reactor entered the CO2 analyzer, which acquired the 
CO2 concentration profile, after passing a water vapor removal unit. CO2 concentrations in 
the gas stream were measured before and after carbonation using the same ZRE analyzer 
(California Analytical Instruments, Inc.). The data acquisition system directly recorded the 
continuous outlet CO2 concentration from the gas analyzer every second.  
4.2.3 Operation procedure 
The olivine carbonation activity was estimated by measurements of the CO2 conversion 
before and after the carbonation. Each test run was carried out with new samples. Initially, 
the tube furnace was preheated to the desired reaction temperature; meanwhile, several 
equal-sized tubular glass reactors were loaded with 0.50 g of olivine. When the set 
temperature was reached and maintained in the tube furnace, a sorbent-loaded quartz reactor 
was introduced into the furnace. To maintain constant operation conditions, we heated the 
sorbent for 10 minutes and connected the reactor to the gas supply unit and to the gas 
analyzer with the data acquisition unit. When the outlet CO2 concentration was the same as 
the initial inlet CO2 concentration, indicating that the sorbent was saturated with CO2 
molecules, the loading of CO2 gas stream into the reactor stopped. For the regeneration step, 
the CO2 gas flow was stopped, and pure N2 was introduced without water vapor. The 
procedure was repeated five times with new samples at a desired experimental temperature, 





4.3 Results and discussion 




Figure 45.  Pore size distribution for olivine after carbonation/regeneration. 
 
Figure 45 shows the pore size distribution for olivine carbonation and regeneration. 
After carbonation reaction at 350°C (1.63m
2
/g), the BET surface area is reduced 36% 
compared to that before carbonation (2.63m
2
/g), because carbonates fill up the available void 
regions of the surface after reaction. Pore volume and size distribution for olivine samples 
were characterized after carbonation and regeneration at two different temperatures, 30°C 
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and 350°C for 4 hours. The pore volume of the adsorbent after regeneration was greater than 
that after carbonation since desorption resulted in the extraction of CO2 from the filled region 
of the pores at high temperature (350°C). This resulted in suitable regeneration because of 
the thermodynamically favorable backward reaction (∆G >0 at above 224°C).  
 
TABLE 15. The chemical composition of the olivine sample 









The bulk chemical composition of the studied sample is shown in Table 15. Olivine is 
composed of mainly MgO and SiO2. Since in nature, magnesium is rarely found as a binary 
oxide and has a high tendency to be bound to a silicate mineral, MgO generally exists as a 






Figure 46. SEM images of (a) Fresh olivine sample, (b) After olivine carbonation in the 
absence of water vapor at 200ºC, (c) After olivine carbonation without the presence of water 
vapor at 200ºC, and (d) EDS spectra of the fresh olivine sample. 
 
The SEM images of the non-carbonated and carbonated olivine samples indicate 
morphological differences between them (Figure 46). In Figure 46a, the fresh olivine is in the 
form of irregular and polyhedral polycrystalline particles in linking ingrown groups. The 
polyhedral structures display the main contributors of Mg and O for MgO, and the irregular 
and laminar fragments indicate Si and O for SiO2 as another major mineral in the multi-
mixture mineral [170]. After carbonation, slight abrasion and erosion occurred due to 
interactions between the particles and other particles as well as between the particles and the 
polyhedral clusters of mineral crystals, resulting in the agglomeration of particle crystallites 
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and the formation of product fragments. The fracture and desquamation of fragmentary 
materials with irregular structures are attributed to the phase transformation of amorphous 
minerals with CO2 under chemical sorption. The textural modification of the olivine sorbent 
after the carbonation step was shown because of the formation of carbonates. In addition, 
during the carbonation in the presence of water vapor (Figure 46c), filling and pluggage of 
the pores was observed more significantly than in the absence of water vapor (Figure 46b), 
indicating that water vapor plays a key role in the enhancement of the carbonation reaction. 
Peak intensities in energy-dispersive X-ray spectroscopy (EDS) also indicate that the olivine 
material consists of the high Si, Mg and O contents (Figure 46d).  
 
Figure 47.  XRD patterns of the fresh (a) and (b) carbonated product samples with 10% vol 
CO2, ~8.3% vol H2O at 200°C. 
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Figure 47 shows the XRD patterns of the olivine sample after carbonation in the 
presence of water vapor at 200°C. The XRD pattern of carbonated material shows magnesite 
(MgCO3), silica (SiO2), and non-reacted olivine (non-carbonated region of olivine). In 
addition, the XRD results do not show a high quantity of hydrogen linked materials, 
indicating that the silicon dioxide-rich compounds are not associated with hydrogen bonding, 
but with Si-O-Si formation [171].  
4.3.2 Thermodynamics of olivine carbonation 
Carbonates are highly stable under ambient conditions because the Gibbs free energy 
of MgCO3 (-1028kJ/mol) is significantly higher than CO2 (-394kJ/mol). The enthalpy and 
Gibbs free energy of olivine carbonation dependent on the temperature were calculated to 
determine the thermodynamically feasible conditions for this process (Figure 48). Gibbs free 
energy of formation can be estimated by using the formulation of the free energy of reaction: 
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   (54) 
where ∆G: Gibbs free energy, ∆H: enthalpy, ∆S: entropy, v is the stoichiometric coefficient 
of species i,
2Cp a bT cT   in which a, b, and c are empirical constants [172]. Note that 





Figure 48. Thermodynamic properties of olivine carbonation reaction. (a) Enthalpy change 
( CarbonationTH ), (b) Entropy (
Carbonation







Since forsterite ((Mg0.92, Fe0.08)2SiO4) is resent in most olivine samples where 
Mg/(Mg+Fe) is greater than 0.9, and the reaction between Fe
2+
 and CO2 is neglected due to 
the low tendency of reaction process, the thermodynamic properties of olivine is 
approximated from those of magnesium silicate (Mg2SiO4). The heat yielded during the 
olivine carbonation reaction is used as the energy for heating the reactant to the desired 
experimental temperature (423K to 473K). The highly exothermic carbonation leads to the 
heat generation, which strongly implies that olivine carbonation is a feasible reaction since 
the change in enthalpy retains a negative value in the experimental temperature range. 
The plot of entropy change also supports the idea that olivine carbonation capacity 
declines as temperature increases because when a system is heated to higher temperatures, 
the entropy of reaction is smaller. This result suggests that this mineral carbonation reaction 
depends on a temperature effect, which is compatible with the experiment results. 
As temperature increases, the enthalpy for olivine carbonation slightly increases, and 
Gibbs free energy change gradually increases. This confirms that the process tendency of 
olivine carbonation gradually decreases with an increase in temperature. In the lower than 
200°C (473K) temperature range, the values of CarbonationTG are still negative since the 
increases of  CarbonationTH  are smaller than 
Carbonation
TS , so olivine carbonation spontaneously 
proceeds to form the carbonate products. For this carbonation reaction, the optimal 
temperature is known to be between 150°C and 200°C [153, 168, 169]. Thus, we decided to 






Figure 49. Gibbs free energy change as a function of extent of carbonation at T=473K (a); 
Carbonation pressure of Mg2SiO4−MgCO3−CO2 equilibrium (b). 
 
We carried out experiments of olivine carbonation at temperatures below 200°C as 
shown in Figure 49. The change in Gibbs free energy can be seen as a function of the CO2 
partial pressure and the equilibrium state of the magnesium silicate−magnesite 
(carbonate)−carbon dioxide system. Above 0.99 atm of CO2 partial pressure at 200°C (473K), 
the Gibbs energy change of reaction decreases as the chemical reaction proceeds (Figure 49a), 
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indicating that full carbonation is highly favorable under these conditions. Below 0.99 atm, 
on the other hand, the Gibbs free energy change of the reaction increases as the molar extent 
of the chemical reaction increases. However, at 0.99 atm of CO2 partial pressure at 473K, the 
Gibbs free energy change is zero along the entire reaction coordinate and the material is fully 
carbonated, indicating that a partial or full forward reaction can still occur without driving 
forces to produce carbonates. The equilibrium partial pressure of carbon dioxide results from 
a balance between calcination and the formation of carbonates (Figure 49b). The carbonate 
formation pressure changes significantly with temperature, varying by 9 orders of magnitude 
in the temperature range studied. In the range of the experimental temperatures (423K to 
473K), the carbonation spontaneously proceeds when CO2 partial pressure is above 0.37 atm. 
4.3.3 Effect of the temperature on CO2 separation 
Figure 50 illustrates the carbonation and regeneration profiles on 0.5g of olivine 
adsorbent for CO2 sequestration with/without water vapor in the range of 150°C to 200°C at 
intervals of 25°C. At temperatures above 150°C, the reactions for the surface carbonation 
occur quickly (in minutes, not days). The CO2 concentration in the effluent gas steam 
decreased noticeably within less than 1 minute and then gradually increased to the initial inlet 




Figure 50. CO2 carbonation and regeneration profile with water vapor (a) and without water 
vapor (b) as a function of  temperature while employing an inlet flow rate of 0.5L/min, 
weight of 0.5g magnesium silicate adsorbent , and feed composition of 10% vol CO2, ~8.3% 





The lowest concentration reached is 0.3% v/v (97% removal), indicating a higher 
capture capacity for olivine adsorbents than for conventional materials (0.03 g CO2/g to 0.13 
g CO2/g) [8, 14, 15, 46, 51, 57, 70, 71, 77, 83, 93, 111]. Figure 50 shows that as temperature 
increases the adsorption capacities of CO2 obtained with olivine decrease, following a bell-
shaped curve regardless of the presence of water vapor. In spite of this trend, the sorption rate 
at high temperature was faster than that at low temperature, as observed by the higher slope 
of the higher temperature curve. This behavior is the results of thermal effects, which 
enhance the energy of the species and increase thermal motions, both of which lead to a 
higher carbonation rate.  
CO2 adsorption on olivine is likely to be a surface-limited phenomenon since the 
amount of CO2 adsorbed per unit weight of olivine is relatively small. In the initial period, 
the CO2 is linked to the surface of the olivine adsorbent. Then, the carbonation reaction 
quickly proceeds with the heterogeneous surface adsorption process to form a stable surface 
carbonate instead of the bulk carbonate. During the carbonation reaction, the MgCO3 surface 
layer thickens, inhibiting CO2 adsorption into the unreacted pore regions of materials. Thus, 
the chemical process rate is reduced even if the Mg2SiO4 sample keeps reacting at the pores 
of the sorbents, indicating that the extent of mineralization for CO2 sequestration is mainly 
dependent on the carbonation rate. 
 To determine the effect of water vapor, we performed a series of experiments using 
0.5g olivine sorbent without water vapor. The breakthrough curve of CO2 adsorption in the 
presence of water vapor indicates a considerable effect of water vapor on CO2 capture 
capacity, indicating that the presence of moisture promotes the CO2 carbonation reaction 
with olivine sorbents.  
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It is believed that the role of water vapor is that it activates the olivine surface by 
producing hydroxide (Mg(OH)2) as an intermediate and carbonate (MgCO3) as a final 
formation on the surface by the following equation: 
 2 2MgO + H O  Mg(OH)  (55) 
 2 2 3 2Mg(OH) + CO MgCO  + H O    (56) 
These processes increase reaction rate on the surface according to the following steps: 
1) adsorbed water desorbs at a temperature above 100°C; 2) a hydroxide dissociates at a 




reacts with CO2 to form MgCO3 [173, 174]. The 
observation of a small amount of Mg(OH)2 in the preceding XRD pattern of the olivine 
sample after carbonation also supports this mechanism (Figure 47b).  
 
Figure 51. CO2 capture capacities without and with water vapor dependent on the 
temperature. Uncertainty results from 5 time multiple tests. 
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In the entire range of temperatures, the partial regeneration process at constant high 
temperature was carried out after mineral carbonation was completed, indicating that the 
partial recovery process of the sorbent proceeded relatively forthrightly. In the isothermal 
desorption process, due to the yield of thermal energy from desorption of the adsorbed 
species, the adsorption becomes equilibrium state between a reacting olivine surface and an 
adsorbed CO2 gas phase. Finally, the adsorbed CO2 on the surface of the sorbents can be 
partially recovered and return to the surrounding mobile gas phase via purging with N2. 
Figure 51 shows the qualitative total and 90% capture capacities in the temperature 
range of 150°C to 200°C. Compared to commercially available sorbents with CO2 capture 
capacities between 0.08 and 0.088g CO2/g sorbent as well as currently researched adsorbents 
with a range of 0.1 to 0.3g CO2/g adsorbent, olivine adsorbents in this temperature range are 
noticeably better performing than commercial sorbents [8, 14, 15, 46, 51, 57, 70, 71, 77, 83, 
93, 111]. In the entire temperature range, the total capture capacity of 0.5g of olivine is more 
than 0.14g CO2/g olivine and even the 90% capture capacity is considerably larger than those 
of other adsorbents. When using water vapor, the capacities increase more than 28%, 
indicating that the capture capacity of carbon dioxide in the presence of water vapor is 
actually improved over that in the absence of water vapor. Olivine carbonation without water 
vapor always trailed carbonation with water vapor, so a much higher temperature is required 
in dry carbonation processes to achieve the same carbonation capacities of CO2 as were 
achieved with water vapor.  
In addition, the CO2 capture capacity of olivine sorbents is slightly greater than that 
of pure Mg2SiO4 [175], which could be due to multiple effects, involving (1) the catalytic 
function of other olivine components, especially Fe2O3, known as a feasible catalyst, (2) the 
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vigorous abrasion and erosion of particles and clusters, and (3) the high adsorption affinity 
related to the tridimensional structure of olivine. Under the optimized operational conditions, 
the higher conversion rates and lower energy consumption of the olivine based olivine based 
CO2 capture technology could lead to its feasible applications in practical power plants [175, 
176]. 
4.3.4 Regeneration of spent sorbent 
 
Figure 52. Cyclic CO2 adsorption and desorption processes in the different temperatures 
(Inlet flow rate of 0.5 L/min, weight of 0.5 g magnesium silicate adsorbent, and feed 
composition of 10% vol CO2, ~8.3% vol H2O, and balanced with N2). Uncertainty results 




Another series of tests shows that the regeneration capacities of olivine adsorbent 
after ten carbonation and regeneration cycles using the same sorbent with two main steps: 
carbonation for 30 minutes and partial regeneration, as shown in Figure 52. Overall, CO2 
capture capacities dramatically decrease during cyclic regeneration due to the textural 
modification of the solid sorbent surface after the fast carbonation step, increasing the 
formation of stable surface carbonates during CO2 reduction. Additionally, the isothermal 
desorption could not fully regenerate the sample because the dissociation of the chemisorbed 
species is a slow process that requires a high temperature. Above 175°C, where the chemical 
reaction is more favorable, regeneration capacities decrease even more abruptly. During the 
recycle process, olivine mostly forms products that fill the pores, cover the surface, and 
thicken the product layers of the sorbents, causing a slow carbonation rate and reducing the 
CO2 sorption capacities. These phenomena result from a lower energy of activated 
coordinative chemisorption (weak interaction), indicated by the low heat of adsorption, since 
the dissociative strong chemisorption is a slow process and these species must be desorbed at 
a higher temperature [177].  
4.3.5 Effect of residence time 
 To evaluate the effect of reactor throughput or the time of contact with the 
heterogeneous adsorbent, another series of tests was conducted in which total gas feed rate 
was varied under constant inlet concentration and temperature, determining residence time. 
The experimental results were analyzed by observation of how carbonation was affected by 
residence time, or the time expended in processing a unit mass of feed by a unit mass of 
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adsorbent in the tubular flow reactor, because space time is defined by the mass instead of 







  (57) 
where V is the volume of reactor; W is the mass of olivine (mg);  is the feed rate, cm
3
/min; 
and  is the olvine density, mg/cm3. The experimental results were analyzed by observing 
how carbonation was affected by space time or the time expended in processing a unit mass 
of feed by a unit mass of adsorbent in the tubular flow reactor.  
 
Figure 53. CO2 capture capacities as a function of residence time (Experimental temperature 
of 200 °C, weight of 0.5 g olivine adsorbent, and feed composition of 10% vol CO2, ~8.3% 




We performed experiments at five different flow rates (0.25, 0.35, 0.5, 0.75, and 
1L/min) of the inlet gas mixture for magnesium silicate adsorbent at 200°C. The effects of 
space time on the CO2 adsorption capacity are illustrated in Figure 53. It is apparent that CO2 
adsorption on the olivine sorbent was significantly influenced by changes in the employed 
space time. The carbonation reaction is seen to be limited by space time since the lower flow 
rate provides a longer contact time between adsorbates and adsorbents in a heterogeneous 
system. In other words, the final extent of carbonation was determined by the reaction rate 
because in a very short contact time mass transfer became limiting and the total mass transfer 
of carbon dioxide was smaller than that in a long space time. 
4.3.6 Effect of initial concentration 
We also performed additional experiments to determine the activity of the olivine 
sorbent as we varied CO2 concentrations (5% v/v, 10% v/v, and 20% v/v) and water vapor 
concentrations at 200°C (Table 16). The concentration in the inlet gas stream was the only 
parameter changed during the tests while the rest of the experimental conditions remained 
unchanged (0.5 g of olivine, 0.5 mL/min of flow rate). At a high initial CO2 concentration 
(20% v/v), the carbonation capacity was reduced as a large amount of carbon dioxide 
molecules were adsorbed in certain large sites of the adsorbent’s surface through valence 







TABLE 16. The capture capacities of mineral carbonation as a function of the initial CO2 
concentration. (Experimental temperature of 200°C, weight of 0.5 g olivine adsorbent and 
feed flow rate of 0.5 L/min). Uncertainty results from 5 time multiple tests. 
Concentration (vol %) 
CO2 capture capacity 
(g CO2/g olivine) 
5% CO2 
w/o H2O(g) 0.10±0.011 
~8.3% H2O(g) 0.11±0.012 
10% CO2 
w/o H2O(g) 0.10±0.010 
~8.3% H2O(g) 0.14±0.014 
20% CO2 
~8.3% H2O(g) 0.06±0.005 
~17.2% H2O(g) 0.08±0.007 
 
Typically, CO2 capture capacities increases when CO2 concentration decreases. 
However, at a lower CO2 concentration (5% v/v), the capture capacity was reduced in 
comparison to the one obtained at a concentration of 10% v/v CO2. There is also no 
significant enhancement in carbonation capacity in the presence of water vapor compared to 
the same process in the absence of water vapor. This was probably limited by the fact that the 
CO2 concentration (5% v/v) was smaller than that of the water vapor (~8.3% v/v), so that the 
adsorption of the water molecules onto the olivine’s surface, instead of CO2 molecules, is 
likely to increase.  
4.3.7 Water sensitivity 
The mineral carbonation and regeneration as a function of water vapor concentration 
was also investigated, as shown in Table 17. Three water vapor concentrations were sampled 
~5.6% v/v, ~8.3% v/v, ~17.2% v/v H2O with a constant concentration of 10% v/v CO2. The 




TABLE 17. Olivine carbonation processes for CO2 sequestration as a function of water 
vapor concentration (Experimental temperature of 200°C, weight of 0.5 g olivine adsorbent, 




CO2 capture capacity 
(g CO2/g olivine) 
w/o H2O (g) 0.10±0.010 
~5.6% H2O(g) 0.13±0.015 
~8.3% H2O(g)  0.14±0.014 
~17.2% H2O(g)  0.12±0.013 
 
It was observed that increasing in water vapor concentration to ~8.3% v/v H2O, which 
was a smaller concentration than that of the CO2 inlet gas, enhanced the CO2 capture capacity. 
However, increasing the water vapor concentration to ~17% v/v H2O, above the initial CO2 
concentration of 10% v/v CO2, results in a loss of CO2 capture capacity due to the wet 
agglomeration of the adsorbent as well as competition between H2O molecules and CO2 for 
adsorption on olivine. For the conditions of 5% v/v CO2 and ~8.3% v/v H2O shown in Table 
16, the same pattern of carbonation and regeneration, with the material losing its capacity, is 
seen.  
To verify the effect of water vapor concentrations, an additional CO2 adsorption 
experiment was performed with a CO2 concentration of 20% v/v and a high water vapor 
concentration of ~17.2% v/v. At these conditions, the ratio of CO2 and H2O is approximately 
double that of the original conditions represented in Table 16, which indicated that the 
capture capacity increased as water vapor concentration increased. It is apparent that the 
lower capture capacity of olivine at high H2O concentration is caused not just by being 
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exposed to a high water vapor level, but also by overexposing H2O molecules to sorbents. 
Since these molecules have an affinity to adsorb, the first filling of water vapor adsorbed can 
reduce the amount of CO2 adsorbed and its condensation may lead to a pressure drop in the 
column and corrosive products by mixing with the CO2.  
These results support the premise that CO2 adsorption is considerably limited by 
H2O(g) concentration while H2O(g) adsorption is insignificantly affected by the presence of 
CO2, which has relatively low affinity and slow reaction rate to the olivine surface compared 
with H2O(g). This evidence supports that the existence of active adsorption regions for water 
vapor on the surface of olivine samples. Thus, it is necessary to determine the level of water 
vapor injection to avoid losing capture capacities caused by overexposure of water vapor in 
order to improve the carbonation rate [7]. 
 
4.3.8 Effect of SO2 and NO  
Since CO2 separation systems in the power plants are placed after additional 
pretreatments such as electrostatic precipitation and flue gas desulfurization to remove the 
toxic compounds such as fly ash, SOx, and NOx, SO2 concentration in the flue gas mixture is 
lower than 5 ppm. However, even small concentration of SO2 may affect on CO2 capture 
capacity in the olivine carbonation. Thus, I performed an additional experiment using 2 ppmv 
SO2 concentration to determine the effect of SO2 for CO2 capture (Table 18). 
SO2 doesn’t affect the CO2 capture although SO2 is introduced since SO2 





TABLE 18. Effect of SO2 concentration for olivine carbonation processes (Experimental 
condition: 10 % vol CO2; 8.3 % vol H2O; 2 ppm vol SO2 balanced with N2; Flow rate, 0.5 
L/min; Temperature 200°C) 
Capture capacity (CO2 g/g sorbent)  w/o H2O w/ H2O 
w/o SO2 0.10±0.010 0.14±0.014 
w/ SO2 0.10±0.007 0.14±0.012 
 
I used 5ppmv NO concentration to evaluate the effect of NOx since flue gas stream 
consists of NOx (Table 19). The difference of CO2 capture capacity with and without NO is 
ignorable; NO doesn’t affect CO2 adsorption on the olivine surface since NO concentration is 
small, which does not make the reaction between NO and olivine at a faster rate. 
TABLE 19. Effect of NO concentration for olivine carbonation processes (Experimental 
condition: 10% vol CO2; 8.3% vol H2O; 5ppm vol NO balanced with N2; Flow rate, 0.5 
L/min; Temperature 200°C) 
Capture capacity (CO2 g/g sorbent)  w/o H2O w/ H2O 
w/o NO 0.10±0.010 0.14±0.014 




Olivine carbonation was performed as a laboratory scale demonstration for CO2 
sequestration directly out of exhaust streams without the need for previous CO2 separation 
and/or pressurization. The reaction activity of olivine was carried out by varying the 
temperature and the inlet concentration. The capture capacity of carbon dioxide with the 
appropriate concentration of water vapor was comparable to that without water vapor, and 
142 
 
CO2 could be disposed of in a stable form. The thermodynamic parameters for olivine 
carbonation reaction indicate that substantial heat energy is released during carbonation, so 
additional energy for a reaction is not required. Olivine carbonation depends on residence 
time; it is controlled by reaction kinetics. The fast initial adsorption rate triggers the 
phenomenon whereby chemisorption on olivine predominantly takes place. This study 
basically lays the groundwork for the mechanism of mineral carbonation with carbon dioxide 
in the presence of water vapor and provides relevant information for the practical application 
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DENSITY FUNCTIONAL THEORY (DTF) STUDY OF CO2 ADSORPTION ON 
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Since surface adsorption using mineral sorbents has the potential to capture CO2, 
more fundamental understanding of the molecular reaction mechanism of CO2 adsorption on 
the metal oxide surface is necessitated. Chapter 5 shows a quantum calculation of CO2 
adsorption on the CaO surface which provides higher reactivity than MgO to determine the 
molecular chemical reactivity of multiple CO2 molecules on CaO for CO2 sequestration. 
We investigated the adsorption configurations of multi-CO2 molecules on the CaO 
(100) surface using density functional theory (DFT) in order to understand the CO2 
adsorption mechanism on the CaO (100) surface. In the formation of a monolayer, CO2 
molecules were chemi-sorbed due to the charge reorganization between the CaO surface and 
CO2 molecules. The adsorbed CO2 molecules got together rather than distributing uniformly 
over the CaO surface. Through calculating the monolayer formation energy, the optimal 
coverage of the CO2 adsorption is found to be 1 molecules/unit cell (4.211Å  4.211Å ) with 
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the most stable adsorption energy (-0.506 kcal/mol/ Å
2
). The multi-layer adsorption of CO2 is 
also investigated and resulted in -0.017 kcal/mol/ Å
2
 for the second layer and -0.015 
kcal/mol/ Å
2 
for the third layer, implying that the second layer adsorption can take place at 
ambient condition and characterized as the physi-sorption. 
 
5.1 Introduction 
The global environment has experienced significant changes in the climate due to the 
increasing emission of the greenhouse gases in the atmosphere. Among the greenhouse gases, 
the carbon dioxide emissions account for 94% of the total emissions, and over 80% of the 
anthropogenic CO2 emissions in the world are generated through energy production [32]. 
Thus, in order to mitigate climate change, researchers have focused much of their attention 
on the reduction of CO2 emissions from power generation facilities which are the most 
serious sources of CO2 emissions in the form of a flue gas mixture, accounting for about 41% 
of the total [2, 6]. Therefore, many separation technologies for CO2 sequestration have been 
developed and widely used [8, 18, 51, 57, 71, 77, 83, 98, 108, 109]. Among various CO2 
separation processes, the CO2 adsorption technology using solid state sorbents such as 
minerals have been intensively studied due to its low operating costs and low energy 
demands resulting from its stable recycle capacity and high CO2 selectivity [3, 10, 37, 38]. In 
addition, solid state sorbents are relatively easy to handle compared to liquid sorbents [11, 
12] since the former has much less corrosion problems than the latter. Of all the CO2 
adsorption processes for the CO2 sequestration, particularly, the mineral carbonation using 
alkaline-earth metal oxide minerals such as calcium oxide (CaO, Figure 54a) and magnesium 
(MgO) seems to be promising since they can form stable carbonates, which have very low 
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CO2 leakage after sequestration. Furthermore, such stable carbonates produced by the 
carbonation process could be treated through environmentally friendly ways such as the mine 
reclamation and the soil amendments [18]. In the carbonation process, the alkaline-earth 
oxides (i.e., CaO and MgO) react with CO2 exothermically to produce CaCO3 and MgCO3, 
respectively, in which the basicity of metal oxides mainly determines the reaction with CO2 
[147].  For instance, CO2 molecules are bound at oxygen atoms of CaO surface to form 
calcium carbonate (CaCO3), which occurs through the charge transfer from the CaO surface 
to the CO2 molecule [40].  
In this study, we investigated the CO2 adsorption on mineral oxide surface, 
particularly CaO (100) surface (i.e., CaO surface is exposed along x-axis) (Figures 54b and 
54c), using density functional theory (DFT). Although a few theoretical studies have reported 
that the adsorption of a single CO2 molecule on the CaO surface on the surface [147, 178-
182], there has been no study on the multiple-CO2 adsorption, which would be critical to 
assess the adsorption capacity of the CaO.   
 In this DFT study, therefore, we calculated various configurations of the multiple-
CO2 adsorption on the CaO (100) surface in an attempt to determine the optimal number of 
CO2 molecules and the charge transfer between CO2 and CaO surface, and analyzed the 
charge transfer and the entailed changes in electronic properties such as density of states and 















Figure 54. Structure of CaO crystal: (a) unit cell; (b) (100) unit surface; (c) (100) 2×2 





5.2 Computation details 
  In this study, we used quantum mechanical density functional theory (DFT) which is 
a method for electronic structures and properties of materials [183], and has been widely 
used to study condensed matter systems including surfaces. The goal of each computation is 
to solve the Kohn-Sham equations: 
 
       
2
2
KS i i iv n r r r vvv  
 
   
 
 (1) 
           KS external Hartree XCv n r v r v n r v n r    (2) 
 
where  nvKS  is the Kohn-Sham potential that has a functional dependence on the electronic 
density ( n ), and externalv ,  nvHartree  and  nvXC  denotes the external potential, the Hartree term 
and the exchange-correlation term. By solving Equation (57), the most probable ground state 
electronics configuration and corresponding energy are obtained based on its atomic structure. 
Thus, we believe that DFT calculation can accurately describe interaction between CO2 and 
CaO, which is essential to investigate the CO2 adsorption.  
Among various functionals for DFT, we used the generalized gradient approximation 
(GGA) method with the non-empirical local functional, Perdew-Burke-Ernzerhof correlation 
(PBE) [184, 185], which has been widely used in field of materials science as well as physics. 
And the DNP (double numerical basis plus polarization) basis set was used [186]. 
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The structure of the CaO (100) surface was constructed as a four-layer slab (Figure 
58). After the initial atomic positions were determined according to experimental structure, 
the geometry optimization was performed to refine the structure [187]. 
  The CO2 adsorption energy ( adsorptionE ) on the CaO (100) surface was calculated 
using Equation (56): 
 2 2 2 2
( )MgO CO H O MgO CO H O
adsorption
E E n E nE
E
n
     
   (56) 
where 
2COCaO
E   is the energy of the whole system in which CO2 molecules are adsorbed on 
CaO surface, CaOE  and 2COE  are the energy of the bare CaO surface without CO2 and the 
energy of the single CO2 in the vacuum, respectively, and n denotes the number of CO2 
molecules. 
 k-point


























Figure 55. Coverage () as a function of CO2 adsorption energy 
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For this study, the (22) supercell (8.422Å  8.422Å ) of CaO (100) surface was employed as 
shown in Figure 54c.  To analyze the electronic effect of k-point sampling on the structure 
and energy (i.e., The points in k-space can be defined to specify the grid dimensions in the 
three directions of the reciprocal space lattice vectors), various k-point samplings for the 
Brillouin zone were implemented using the Monkhorst-Pack k-point scheme [188]. To 
determine the suitable k-point set, we performed geometry optimization of a CO2 adsorbed 
on the (22) CaO (100) surface at a gamma point (denoted by 11) and (441) k-point 
(denoted by 44), and then calculated the CO2 adsorption energy as a function of k-point sets. 
As shown in Figure 55, the effect of k-point set on the adsorption energy is diminished 
beyond (22) k-point at both cases, so that the (22) k-point sampling was used to study all 
the characteristics of the CO2-CaO system.  
 
5.3 Results and discussion 
5.3.1 Single CO2adsorption on CaO 
1) Adsorption Energy and Geometry 
First, in order to investigate the nature of the CO2 adsorption on the CaO (100) 
surface, we performed the geometry optimization of CO2-CaO (100) surface. As summarized 
in Table 20, it is found that these calculated adsorption energy and geometry are in a good 
agreement with the experimental result as well as other computational result [147, 179], 






TABLE 20.  The geometry and energy of the single CO2 adsorption on CaO (100) surface 
 
 
Bond length  
( CaOCO OC 2 ) 
(Å ) 
Bond length  
(
22 COCO













   -1.1 
Theory
II
[147] 1.38 1.23 130.0 -1.0 
This study
III
 1.47 1.25 134.1 -0.94 
This study
IV
 1.39 1.27 129.4 -1.5 
I 
Adsorption energy obtained by thermal desorption method 
II 
Ab Initio Hartree-Fock calculation 
III
 CO2 adsorption on the (11) CaO surface 
IV
 CO2 adsorption on the (22) CaO surface 
 
 
  The geometry of CO2 is significantly changed before and after geometry optimization 
(Figure 56): the bond angle (
222 COCOCO
OCO  ) is substantially reduced from 180° to 134.1° 
on the (11) CaO surface and 129.4° on (22) CaO surface, and the 
22 COCO
OC   bond length 
is increased from 1.18 Å  to 1.25 Å  and 1.27 Å  for (11) and (22) CaO surface, respectively, 
which indicates that the hybridization of 
22 COCO
OC   bonds are changed from 1sp  to 2sp by 
forming a new chemical bond ( CaOCO OC 2 ) with the oxygen atom of the CaO surface. The 
calculated adsorption energy (-0.94 eV and -1.5 eV for (11) and (22) CaO surface, 
respectively) also supports a new bond formation. Thus, CO2 adsorption on the CaO (100) 


















Figure 56. Geometries of the single CO2 molecule on the (22) CaO (100) surface: (a) 





















Figure 57. Charge reorganization of (a) the CaO (100) surface and (b) the CO2 molecule.  
Note that positive value (red color) means the electron gain while negative value (blue color) 




2) Charge Reorganization 
Pacchioni and his coworkers suggested that such strong adsorption can be understood 
by the low Madelung potential energy of CaO due to the larger cation-anion distance of the 
CaO matrix, which leads to the high basicity that provides active donation of a charge from 
the surface to the adsorbed molecule [40, 147]. In this study, in order to evaluate such charge 
transfer, we calculated the charge difference of each atom ( iq ) of the CaO surface with and 
without the adsorbate CO2 molecule using Equations (57) and (58) 
 , ,i i CaO before adsorption i CaO after adsorptionq q q    (57) 
 
2 2, ,i i CO before adsorption i CO after adsorption
q q q    (58) 
where adsorptionbeforeCaOiq ,  and adsorptionafterCaOiq , denote the charges of the i-th atom in the CaO 
surface before and after the adsorption, respectively, and adsorptionbeforeCOiq 2, and 
adsorptionafterCOiq 2,  denote the charges of the i-th atom of the CO2 before and after the 
adsorption, respectively. Figure 57 visualizes the charge reorganization of the CaO surface 
and CO2 via charge transfer between them. Since iq  will have a negative value (blue color) 
if the i-th atom loses charges, whereas it will have a positive value (red color) if the atom 
gains more charges, it is clear that the charge is transferred from the CaO surface to the CO2 




3) Effect of Surface Coverage 
Surface Coverage































Figure 58. Change of CO2 adsorption energy as a function of surface coverage (). 
 
Here we investigate the single molecular adsorption of CO2 on various sizes of CaO 
(100) surface such as (1×1), (2×2), (3×3) and (4×4) supercells (corresponding surface 
coverages (θ) are 0.5, 0.125, 0.055 and 0.032, respectively) was simulated via geometry 
optimization in an attempt to investigate the effect of the interaction between neighboring 
CO2 molecules on the adsorption energy. At θ=1.0, every oxygen atom of CaO (100) surface 
is occupied by adsorbed CO2 molecule. As clearly shown in Figure 58, the adsorption energy 
depends on the surface coverage of CO2, indicating that the adsorbed CO2 is influenced by 
neighboring adsorbed CO2 molecules. Furthermore, it should be noticed that the adsorption 
energy shows a minimum point at a specific surface coverage, θ=0.125 at (2×2) supercell 
where the electrostatic attraction between adsorbed CO2 molecules stabilizes the adsorption. 
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It seems that the adsorbed molecules may not obtain such electrostatic attractive interaction 
at low coverage and thus the adsorption energy becomes slightly higher, whereas at high 
coverage, the adsorbed molecules become too close to each other and thereby the 
electrostatic repulsion destabilizes the adsorption. This effect of surface coverage will be 
discussed further in the next section. 
5.3.2 Multiple CO2 adsorption on CaO 
1) Formation of Monolayer 
Although multiple CO2 molecules can be adsorbed on the CaO (100) surface in the 
model system due to the presence of the multiple adsorption sites (oxygen atoms) of CaO 
surface, the corresponding simulation study has not been performed yet to the best of our 
knowledge. Thus, the formation of CO2 monolayer was simulated using DFT in order to 
understand the CO2 adsorption mechanism on the CaO (100) surface. From the study on the 
single CO2 adsorption in the previous section (Figure 57), we already saw that the adsorption 
energy is affected by the surface coverage and the optimal surface coverage is 0.125. 
 
TABLE 21. Adsorption energy (Ea) of CO2 on CaO (100) surface 
Size 11  22 
Number of CO2  1 2  1 2 3 4 5 6 7 8 
Coverage () 0.5 1  0.125 0.25 0.375 0.5 0.625 0.75 0.875 1 





Here the surface coverage is scrutinized in more depth using multiple CO2 molecules. 
In order to determine the optimal surface coverage, various systems were built (Table 21) 
with multiple CO2 molecules. These CO2 molecules were initially attached on the oxygen 
atoms of the CaO and geometry-optimized. For example, since the (11) CaO (100) surface 
has two oxygen atoms (Figure 58b), we can put one CO2 molecule on either of two oxygen 
atoms and also two CO2 molecules on both oxygen atoms.  
1.47 Å
134.1  





  (a)  (b) 
 
Figure 59. Optimized geometries of (a) single CO2 molecule and (b) a pair of CO2 molecules 
on the (11) CaO (100) surface. The color code is the same with Figure 60. 
 
Figure 59 shows the optimized geometries for these two cases, showing that the 
(11) CaO (100) surface can accommodate only one CO2 molecule. Although two CO2 
molecules are attached on the oxygen atoms at the beginning, only one CO2 molecule can 





















Figure 60. Optimized geometry of the eight CO2 molecules on the (22) CaO (100) surface: 






For the (22) CaO (100) surface, we attached up to eight CO2 molecules and 
performed geometry optimization. As shown in Figure 60a, however, only four CO2 
molecules were chemi-sorbed on the CaO surface and the rest of them were detached, and 
any attempt to put CO2 molecules more than four was failed. 
The adsorption energy was calculated as a function of surface coverage using the 
(22) CaO (100) surface with multiple CO2 molecules. From Table 19, it is confirmed again 
that the adsorption energy becomes higher with increasing the number of molecules, meaning 
that the adsorption is destabilized as a function of surface coverage. Thus, from our study, the 
optimal surface coverage was found at θ=0.125, corresponding to 70.93 Å
2
/CO2 for the 
formation of CO2 monolayer. 
 
2) Charge Reorganization 
  In the previous section, it was discussed that the charge reorganization of the CaO 
surface takes place due to the charge transfer from CaO surface to CO2 molecule. We think 
this charge reorganization should be the essential factor to determine the optimal surface 
coverage of CO2 since the atomic charges on CO2 provided from the CaO surface are 
distributed onto the oxygen atoms of adsorbed CO2 molecule, and hence as the adsorbed CO2 
molecules become closer, they would repel each other due to these negative charges of 




























Figure 61. Charge reorganization of (a) the CaO (100) surface and (b) four CO2 molecules.  
Note that positive value (red color) means the electron gain while negative value (blue color) 
means the electron loss compared to the original charge of CaO surface and CO2 molecule. 
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  In Figure 61, the charge reorganizations of the CaO surface and the adsorbed CO2 
molecules are presented. As expected, the charges are transferred from CaO surface to CO2 
molecules, which is the same feature we observed in Figure 57. The amount of charge 
transfer is -0.66e/CO2 in average. However, it is worthwhile to note that the adsorbed CO2 
molecules get together rather than spreading out uniformly over the CaO surface. This can be 
rationalized that since the adsorbed CO2 molecule has positively charged carbon atom (0.56e 
in average), the CO2 molecules obtain the inter-molecular electrostatic attraction between 
negatively charged oxygen atoms (-0.58e in average) and positively charged carbon atoms. 
Therefore, there should be a balanced inter-molecular distance to attain the stable adsorption 
which is around 1.46 Å  in average. Indeed, by simulating an independent system which has 
an uniform CO2 adsorption for comparison, it was found that the adsorption energy from the 
non-uniform CO2 adsorption (-1.08 eV from Figure 60a) is lower than that from the uniform 
adsorption (-0.83 eV from Figure 60b), which means that the non-uniform adsorption is more 
stable than the uniform adsorption.  
 
3) Formation of Multilayer 
It is expected that after the monolayer formation from the multiple CO2 adsorption, 
more CO2 molecules interact with given adsorbed CO2 monolayer to form multilayer 
adsorption (Figure 62). As observed in Figures 62a and 62b, the four CO2 molecules in the 
second and another four CO2 molecules in the third layer retain the same molecular geometry 
with free CO2 molecule with weak adsorption energies such as -0.210 eV and -0.179 eV for 
the second layer and the third layer, respectively, indicating that the CO2 molecules in the 
second and the third layer are physi-sorbed on top of the previous layer.  From the adsorption 
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energy, it is expected that the stability of the second and the third layer would be similar to 
various molecular self-assemblies mediated by non-bonded interactions such as van der 
Waals and hydrogen bonding interaction.  
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 (b)  
Figure 62. Optimized geometries of the multilayer CO2 adsorption on the (22) CaO (100) 
surface: (a) bilayer; (b) trilayer. Note that the numbers at oxygen atoms of CO2 molecules are 




This study investigated various configurations of the multiple-CO2 adsorption on the 
CaO (100) surface using density functional theory (DFT) in order to determine the optimal 
number of CO2 molecules and the charge transfer between CO2 molecules and the CaO 
surface. It is clear that the charge reorganization from the CaO surface to CO2 molecules 
causes the formation of CO2 monolayer on the surface. The adsorbed CO2 molecules get 
together rather than distributing uniformly over the CaO surface, but the adsorption is 
destabilized as the number of CO2 molecules increases. It was also found that the non-
uniform adsorption is more stable than the uniform adsorption on the surface. In the 
formation of CO2 multi-layers, CO2 molecules are physi-sorbed on top of the previous layer. 
Consequently, this study enhances the understanding of the adsorption mechanism of CO2 
molecules on CaO and provides a basis of CO2 adsorption on Ca-based minerals such as 







CHAPTER 6  
SUMMARY AND FUTURE STUDIES 
6.1 Summary of this study 
The surface carbonation of olivine, the most abundant mineral in the upper mantle, in 
the presence of water vapor was investigated to determine its potential for CO2 sequestration. 
This study discussed the technologies and concepts that have already been investigated and 
then evaluated effective improvements of CO2 sequestration using mineral sorbents. This 
thesis primarily described fundamental and applied studies of olivine carbonation in the 
presence of water vapor to provide a better understanding of direct CO2 sequestration using 
natural minerals. Olivine carbonation was performed as a laboratory scale demonstration for 
direct CO2 sequestration without the need for previous CO2 separation and/or pressurization. 
The molecular mechanism and adsorption properties of multiple CO2 molecules on the 
mineral surface were investigated. To conclude this study, each chapter is briefly 
summarized. 
 
• CO2 adsorption: A review 
This chapter provides a literature view of various CO2 capture technologies and an 
evaluation of their performance. The review also presents current research of CO2 adsorption 
on many solid sorbents, including mineral carbonation. It mainly focused on the various 
separation procedures and the different CO2 adsorbents and evaluates the factors affecting 
their performance. Many adsorbents provide the highly stable and highly cyclic capture 
capacities of CO2 and low energy consumption for regeneration. In terms of adsorption 
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kinetics, high efficiency of CO2 capture depends on the temperature and pressure used in the 
reaction system, the interaction energy between the sorbent and the CO2, and the pore size or 
the surface area of the adsorbents. Thus, multiple parameters affect the capture capacity, the 
operation cost, and the process efficiency.  
 
• Reaction kinetics of Mg2SiO4-based CO2 sorption 
This chapter presented results from experiments used to determine the reaction 
properties, temperature effects, and cyclic adsorption of pure Mg2SiO4 carbonation in the 
presence of water vapor and evaluated a reaction kinetics model. It was found that the CO2 
interaction with water on the sorbent surface is the rate controlling step of the CO2 capture 
process. The fast initial adsorption rate predominantly is derived by chemisorption on the 
olivine surface. Based on changes in the CO2 concentration with sorption time, a kinetic 
model of the reaction of pure Mg2SiO4 was developed. Kinetic parameters such as the 
reaction order and apparent activation energy in the empirical Arrhenius form of the pure 
magnesium silicate reaction were derived from the relationship between temperatures with 
respect to their obtained reaction rate coefficient. The reaction order was found to be 
approximately 1 for CO2. The activation energy derived for the Arrhenius equation of 
Mg2SiO4-based carbonation is 76.2±4.8 kJ/mol based on the changes in the reaction rates 
with temperature in the range of 150-200ºC. This kinetic study evaluates the adsorption 
properties of CO2 for CO2 sequestration resulting from the formation of stable MgCO3 on the 





• Mineral carbonation using natural olivine sorbents in the presence of water vapor 
To evaluate the application of natural olivine for CO2 sequestration, we carried out 
natural olivine mineralization in the presence/absence of water vapor under variable 
conditions of temperature, concentration, and residence time. Based on thermodynamics, the 
olivine carbonation is thermodynamically favorable. The thermodynamic parameters for 
olivine carbonation also indicate that substantial heat energy is released during the 
carbonation so that additional energy input is not required for a reaction. The capture 
capacity of carbon dioxide with water vapor was comparable to that without water vapor 
under the appropriate concentration. This finding indicates that water vapor plays a role in 
accelerating the carbonation rate. The extent of carbonation depends on residence time; it is 
controlled by reaction kinetics. According to the analysis of residence time, CO2 adsorption 
on the olivine surface tends to be a surface-limited phenomenon, limiting the diffusion 
process. These results provide evidence that CO2 could be disposed in a stable form. 
Within this temperature range, the maximum total capture capacity is over 0.13 g 
CO2/g pure Mg2SiO4 (chapter 3), indicating its capacity is similar or larger than other 
commercial sorbents (0.03 g CO2/g sorbent to 0.13 g CO2/g sorbent) [8, 14, 15, 46, 51, 57, 70, 
71, 77, 83, 93, 111]. Compared to the study using natural olivine in chapter 4 [189], which is 
mostly composed of Mg2SiO4 (92% Mg2SiO4), natural olivine has slightly higher capture 
capacity (>0.14 g CO2/g Mg2SiO4). Such a difference could be due to the cumulative effects 
of: (1) catalytic activity of other olivine components; (2) active abrasion and erosion of 
particles; and (3) adsorption due the tridimensional structure of olivine. These results confirm 





•A Density Functional Theory (DFT) Study of competitive CO2 Adsorption on CaO 
(100) for CO2 capture 
Since surface adsorption using mineral sorbents has the potential to capture CO2, 
more fundamental understanding of the molecular reaction mechanism of CO2 adsorption on 
the metal oxide surface is desired. We performed a quantum chemistry calculation of CO2 
adsorption on the CaO (100) surface to determine the molecular chemical reactivity of many 
CO2 molecules on the oxygen site of CaO for CO2 sequestration. This study evaluated the 
adsorption energies and geometries of CO2 molecules on the CaO (100) surface using a 
density functional theory (DFT) study. To determine the characteristics of CO2 molecule 
capture, the adsorption properties of fully-loaded CO2 molecules on the surface was 
investigated. These results show that CO2 molecules strongly react with the CaO surface due 
to its high reactivity and high basicity. Based on the DFT calculation, molecular structures 
and the reaction mechanism of CO2 molecules on the CaO surface are derived, which can 
help lead to the determination of the CO2 adsorption activity on the calcium-based mineral 
surface. Consequently, this study will help lay the groundwork for the chemical mechanism 
of mineral carbonation with carbon dioxide and provide relevant information for the practical 




6.2 Recommendations for Future Study 
6.2.1 The investigation of molecular CO2 adsorption on the Mg-based silicate mineral 
surface 
Although calcium carbonation is more highly reactive than magnesium carbonation, 
magnesium-containing minerals are also affordable for use in the carbonation process 
because large deposits with relatively high purity are available worldwide. Since igneous 
rocks are particularly appropriable for CO2 capture due to the stable nature of free carbonates, 
the feasible adsorbents of magnesium-rich minerals for CO2 carbonation are olivine and 
serpentine due to their abundance and their high molar proportion of the alkaline earth oxides 
in Mg-based minerals. To determine the molecular reaction mechanism of these minerals, 
future study should investigate the molecular CO2 adsorption property on MgO, olivine, and 
serpentine surfaces using a DFT quantum chemistry study. 
Such a DFT study should perform calculations of the multi-layer adsorption of CO2 
molecules on a specific surface to determine the molecular surface transition between the 
CO2 molecules and the mineral surface. In addition, to evaluate the adsorption properties of 
CO2 multi-layers, the geometry optimization of CO2 multi-layers on the strongly-adsorbed 
monolayer on the mineral surface should be determined. Therefore, the study can evaluate 
the feasible molecular properties of Mg-based mineral carbonation and the competitive 
interaction of CO2molecules.  
Based on the adsorption properties obtained, one can investigate partially substituting 
magnesium for other alkali/alkaline-earth metals such as potassium, calcium, and barium to 
improve carbonation efficiency. In addition, such a study can investigate grafting polymer 
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chains such as amine branches on the mineral surface. The proposed approaches can provide 
basic information about the molecular structure and the mechanism of modified sorbents. 
These results will provide a better understanding of the experimental reactivity of modified 
adsorbents and thus benefit those conducting the experiments of CO2 adsorption on modified 
adsorbents. 
 
6.2.2 The process development of the large scale reactor for mineralization 
In the future, to derive a cost-effective demonstration of a commercial operation of 
mineral carbonation, further research should investigate scale-up applications following the 
lab-scale experiments. First, the study would involve the design of a large-scale system that 
can use a larger reactor. For the thermal stability of the reaction temperature for the reactor, 
the thermal system requires the highly stable capacity of a thermo-controller. To introduce 
the gas mixture with a high flow rate, this study also requires the highly stable flow 
controller.  
Secondly, for the optimization of the system, an appropriate flow rate of a gas 
mixture should be investigated according to the size of the reactor. In addition, the loading 
direction (i.e., vertical or horizontal loading) of the reactors in the thermal system should be 
studied. In the study, the amount of sorbents depending on the reactor size will have to be 
determined because of the effect of the sorbent weight, which may cause the gravitational 
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